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ABSTRACT
The School of Graduate Studies
The University of Alabama in Huntsville
Degree Doctor of Philosophy
Name of Candidate
Title

College/Dept.

Materials Science

Pauline R. Norris

The University of Solubility Divergence Effects in Multicomponent Liquid
Mixtures
Critical point effects have been observed in pure fluids, ferromagnets,

substitutional alloys, and in binary liquid mixtures having a miscibility gap. That these
systems are disparate, while the phenomena observed are similar, serves as the basis for
the statement of the Principle of Critical Point Universality, which governs all critical
behavior.
The effect of the critical point on solute solubility is readily observed; the
solubility diverges towards infinity in the critical region. One finds in the critical region
that the slope (∂ln solubility/ ∂ (1/Temperature)) of a plot of ln solubility vs
1/Temperature diverges toward infinity if only one composition variable is held fixed. A
system meeting this restriction is said to have F = 3 degrees of freedom. In the case, F =
4 and greater, no critical effect is predicted.
We have studied solid solubility in several liquid mixtures under F = 3 conditions.
These experiments have included the dissolution of methyl orange indicator in both
acidic and neutral binary mixtures, the dissolution of a rhodanine dye in an organic, nonionizing pair of liquids, the dissolution of titanium dioxide, the dissolution of anthracene

iv

sampled in the two-phase region and the dissolution of zinc tartrate under conditions of
both F = 3 and F = 4.
A divergence was observed in the slope of the plot of ln solubility vs
1/Temperature for all F = 3 systems and absent for the F = 4 system. We find convincing
evidence for the assertion that these solubility effects are entirely independent of the
details of the underlying chemistry and are members of the class of critical effects. There
are long range fluctuations in mass density and properties associated with mass density
near critical points of physical systems. In the case of binary liquid mixtures, these
fluctuations manifest as fluctuations in composition. Thus, it may be that the lack of
dependence of the solubility critical effect on the chemical details of the solute and
solvent pair is in some way associated with these fluctuations, which are the common
property of all critical systems.
Abstract Approval: Committee Chair
Program Director
Graduate Dean
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CHAPTER 1. INTRODUCTION

Many diverse systems exhibit peculiar behavior near the critical point of a phase
transition. This phenomenon has been studied for more than a hundred years and is still
not completely understood (Berche et al., 2009). The current understanding attributes the
unusual behavior to physical changes that occur in the system near the critical point. A
physical, rather than chemical, cause is a reasonable conclusion since the diversity of the
systems known to experience similar behavior would tend to exclude the possibility of
some chemical aspect of the system causing the irregularities.
1.1 Critical Phenomena and the Universality Concept
It has been known since the early 20th century that certain thermophysical
properties of pure fluids, ferromagnets, and binary liquid mixtures diverge toward infinity
as these systems approach their respective critical points. By 1970, the data were
sufficiently extensive that Griffiths and Wheeler were able to identify a pattern in these
phenomena. This pattern served as the basis for their formulation of the principle of
Critical Point Universality.
The universality principle can be expressed in terms of thermodynamic quantities.
Griffiths and Wheeler identified two types of intensive thermodynamic variables, which
they distinguished by naming them “densities” and “fields”. Specifically, a density is a
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variable which has a unique value in each coexisting phase. Examples include the
specific volume, the specific entropy, and the mole fraction. By contrast, a field is a
variable whose value is uniform across coexisting phases. Examples include the
temperature, pressure, and the chemical potential.
Let  i be one of the density variables describing a system and let h j be one of the
fields. Griffiths and Wheeler proposed that regardless of the physical system, the
derivative of a density with respect to a field should diverge to infinity in the critical
region if the path of approach to the critical point did not include more than one fixed
density variable. That is

  
lim  i   
T Tc  h 
 j  k

(1.1)

where k is a density variable other than  i , T is the temperature, and Tc is the critical
temperature. If two or more density variables are held fixed, as in the case of

(i / h j ) k , , Griffiths and Wheeler observed that the derivative should remain finite in
the critical region. Below, we focus on the heat capacity as an example.
The heat capacity is one of the thermophysical properties which is measurable in
the case of the pure fluid, the ferromagnet, and the binary liquid mixture. We will show
for each of these three systems, the governing thermodynamic equation can be expressed
in the general form,

dh3  1dh1  2dh2

(1.2)

where h3 is a chemical potential, {hi } , i  1,2 are the appropriate fields, and {i } ,

i  1,2 are their conjugate densities.
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1.1.1 The Pure Fluid
In the case of a pure fluid, the critical point occurs when the meniscus separating
the gas from the liquid disappears, and the two fluids merge into a new phase that
exhibits critical opalescence. The differential of the chemical potential,  , is given by

d   SdT  VdP

(1.3)

By comparison with Eq. (1.2), h3   is the chemical potential, which is a field; 1  S
is the entropy per mole, which is a density; h1  T is the temperature, which is a
field;  2  V is the molar volume, which is a density; and h2   P is the pressure, which
is a field. The derivative,  S / T V , which determines the isochoric heat capacity, is
the derivative of a density with respect to a field with one density held fixed. It is well
known experimentally that the isochoric heat capacity, CV  T (S / T )V , behaves as

 S 
CV  lim T 
 
T Tc
 T V

(1.4)

1.1.2 The Ferromagnet
In the case of a ferromagnet, the critical point occurs when the magnetization
disappears upon heating to the Curie temperature. In this case the differential of the
chemical potential is given by

d   SdT  MdH

(1.5)

where S is the entropy per unit mass, M is the magnetization per unit mass, and H is
the applied magnetic field. In the case of the magnet, S and M serve as the density
3

variables, while T and H are their conjugate fields. In the vicinity of the Curie
temperature, which serves at the critical temperature, the heat capacity at constant
magnetization is known to behave as

 S 
Cm  lim T 
 
T Tc
 T  M

(1.6)

1.1.3 The Binary Liquid Mixture
In the case of a binary liquid mixture with a miscibility gap, the critical point
occurs at the temperature where the two coexisting liquid phases merge to form a single
liquid phase. As in the case of the pure fluid, the meniscus disappears, and critical
opalescence is observed. Because a binary liquid consists of two different chemical
components, the theoretical situation is a bit more complicated. To obtain a formula
similar to Eqs. (1.3) and (1.5) requires us to start with the Gibbs – Duhem equation,
which reads

SdT  VdP  n1d 1  n2d 2  0

(1.7)

where S is the entropy, V is the volume, n1 and n2 are the moles of components “1”
and “2”, respectively, and 1 and 2 are the corresponding chemical potentials. We
divide Eq. (1.7) through by the total number of moles to get

SdT  VdP  x1d 1  x2d 2  0

(1.8)

where S is the entropy per mole, V is the volume per mole, and

x1 

n1
n1  n2

(1.9)
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x2 

n2
n1  n2

(1.10)

are the respective mole fractions. Note that

x1  x2  1

(1.11)

With the substitution of Eq. (1.11) into Eq. (1.8) and rearrangement, we get

d 2   SdT  VdP  x1d 

(1.12)

  1  2

(1.13)

where

Binary liquid mixtures are largely incompressible, so we are justified in dropping the
pressure as a variable. With this simplification, Eq. (1.12) reads

d 2   SdT  x1d 

(1.14)

In Eq. (1.14), S and x1 are densities, while T and  are the conjugate fields. Eq. (1.14)
is the analog of Eqs. (1.3) and (1.5). It is well known experimentally, that the heat
capacity at constant composition, C x1 , behaves as

 S 
C x1  lim T 
 
T Tc
 T  x1

(1.15)

near the critical point of solution.
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1.2 Solubility of Solids in Binary Liquid Mixtures
Binary liquid mixtures can be used as solvents for the dissolution of solids. If the
solid is a pure substance, which is inert with respect to the two solvent components, the
mixture will consist of three chemical components, each of which represents a density
variable. If the solid goes into solution accompanied by chemical reaction, there will be a
plethora of chemical components and a correspondingly large number of density
variables. The search for critical effects in this situation serves as a stringent test of the
principle of critical point universality.
By exploiting the phase rule, as extended to include chemical reactions, one can
show that in every case of a solid dissolving in a binary liquid mixture, the number of
fixed density variables is countable. When the position of chemical equilibrium in a
mixture at fixed temperature and pressure requires no more than three independent
thermodynamic variables for its description, a critical effect in the solubility of a solid is
predicted. If four independent thermodynamic variables are required, no critical effect in
the solubility is expected. Below, we provide a proof of this assertion.
To make a count of the number of independent thermodynamic variables required
to describe equilibrium, we invoke the phase rule, as extended to include chemical
reactions. The phase rule reads,
F C  R I 2

(1.16)

where F is the number of free or independent variables, C is the number of chemical
components, R is the number of linearly independent chemical reactions,  is the
number of coexisting phases, I is the number of constraint equations based upon
6

considerations of mass balance and charge neutrality. Under laboratory conditions, the
pressure and temperature are fixed. Hence, in the case of mixtures, any additional fixed
variable is necessarily a density. Thus, we can conclude that if F  3 , one density
variable is held fixed and according to the universality principle, a critical effect in the
solubility is expected If F  4 , two density variables are held fixed, and no critical effect
in the solubility is expected.
We will show in a subsequent chapter dealing with the theory of the solubility
equilibrium that if  is the solubility, H is the heat of solution, and G is the Gibbs
energy of solution, then it is the case that

  ln  
  
  (1 / T )   T H  G 





(1.17)

  ln  
On the left-hand side of Eq. (1.17), 
 , is the slope of a plot of ln  vs. 1 / T plot
  (1 / T ) 
of the solubility vs. temperature. On the basis of the thermodynamic stability theory,

  
 , is positive definite. Hence,
 G 

which we cover in an appendix, the derivative, 

  ln  
according to Eq. (1.17), if H  0 (endothermic dissolution), 
 , is negative.
  (1 / T ) 

  ln  
On the other hand, if H  0 (exothermic dissolution), 
 is positive. In Eq.
  (1 / T ) 
(1.17),  is a density, while G is a field due to the fact that it is a linear combination of

  
chemical potentials. Hence, 
 is the derivative of a density with respect to a field.
 G 
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  ln  
Known as the van’t Hoff slope, 
 on the left hand side of Eq.(1.17) is also the
  (1 / T ) 

  
  0 , the universality
 G 

derivative of a density with respect to a field. Because 
principle predicts when F  3 that

  
lim 
  
 G 

(1.18)

T Tc

Hence, according to Eq.(1.17),

  ln  
 
lim 
T Tc  (1 / T ) 



if H  0

(1.19)

  ln  
lim 
  
  (1 / T ) 

if H  0

(1.20)

and

T Tc

Our theory thus predicts that the occurrence or absence of a divergence in the
van’t Hoff slope of ln  vs 1 / T is determined solely by the number of independent
thermodynamic variables, as given by the phase rule. This conclusion is expected to
apply in the case of the dissolution of an arbitrary solid in any binary liquid mixture with
a critical point of solution. In this sense, the solubility phenomenon can be classified as a
physical effect as opposed to a chemical effect.
In summary, it is our hypothesis that no matter the complexity of the

  ln  
chemistry, 
 , will be observed to diverge in the critical region if F  3 , whereas
  (1 / T ) 
if F  4 , it will be finite. In our experimental program, we have chosen a chemically
8

diverse combinations of solutes and solvent mixtures in order to test the validity of this
assertion.
1.3 Review of Previous Experimental Studies on the Solubility of Metal Oxides in
Isobutyric Acid + Water
Table 1.1 summarizes the previous experimental work of our group on the critical
effect associated with the dissolution of metal oxides in a mixture of isobutryric acid
(IBA) + water. In the experiments summarized by the table, the solubility of the metal in
the aqueous phase was determined by inductively coupled plasma optical emission
spectroscopy. Note that everywhere as predicted, when the heat of solution, H is
positive, the sign of the divergence in the van’t Hoff slope , ( ln  / (1/ T )) , is negative,
whereas when H is negative, the divergence in the slope is positive.

9

Table 1.1.

Summary of Critical Effects in the Solubility of Metal Oxides in a Mixture
of Isobutyric Acid + Water

solvent
pair

crit pt

C

E

R

Φ

I

F

ΔH

Van’t
Hoff
slope

IBA/H2O

UCST

6

4

2

2

1

3

+

-

MxOy(s)
Sn(II), Al(III)

IBA/H2O

UCST

6

4

2

2

1

3

-

+

Co3O4(s)

IBA/H2O

UCST

7

5

2

2

2

3

+

BaO2(s)

IBA/H2O

UCST

7

5

2

2

2

3

+

-

Al2O3(s) + MnO2(s)

IBA/H2O

UCST

8

5

3

3

1

3

+

-a

Al2O3(s) + Cu2O(s)

IBA/H2O

UCST

10

6

4

4

1

3

+

-b

reactant/solute

MxOy(s)
Cu(II), Co(II),
Ni(II), Fe(III),
Mn(IV),
Ce(IV), In(VI)

IBA stands for isobutyric acid. The coexistence curve for a mixture of IBA + water is
concave down with an upper critical solution temperature, UCST. C is the number of
components, E is the number of chemical elements in the system with their origin in the
starting materials, and R is the number of linearly independent chemical reactions. Note
that R = C – E.  is the number of coexisting phases, I is the number of constraint
equations, and F is the number of free variables. H is the enthalpy of solution. “Slope”
refers to the sign of the critical divergence in the van’t Hoff, ( ln  / (1/ T )) , of the
solubility. aThe sign refers to the slope of the divergence as determined by the measured
concentration of Mn4+ and not Al3+. bThe sign refers to the slope of the divergence as
measured by the concentration of Al3+ and not Cu+.

In the case of each entry in Table 1.1, the solvent was isobutyric acid + water,
which has an upper critical solution temperature (UCST) at 26.2 o C, which is located
conveniently near room temperature. The metal oxides in the table were chosen because
each is either basic or amphoteric and thus is capable of going into aqueous solution by
acid/base reaction with isobutyric acid. The products of dissolution are invariably ions.
Aside from this common property, the oxides reflect much diversity. Cobalt, for example,
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was tested in both its +2 oxidation state in CoO and again in a mixture of its +2 and +3
oxidation states in Co3O4. In addition to the +2 and +3 states, metals were tested with
oxidation states, ranging from +1 in the case of Ba2O and Cu2O to +6 in the case InO3.
The solubility critical effect was observed when dissolving MnO2 in the presence Al2O3
and also when dissolving Al2O3 in the presence of Cu2O. The number of components in
the solution phase ranged from 6 to 10. The number of chemical elements introduced by
the starting materials ranged from 4 to 6. In every case, the equation, R  C  E was
confirmed, indicating that no reactions were left out of consideration. The number of
coexisting phases ranged from 2 to 4. In each case, the system was subject to at least one
constraint equation, ordinarily the equation expressing the charge neutrality of the liquid
phase. Each component concentration variable needed to describe equilibrium in the
liquid phase represents a density variable. It was found by evaluation of the phase rule
that in every case, the numbers of reactions, coexisting phases, and constraint equations
was sufficient to reduce the number of independent variables to F  3 . As the
temperature and pressure were both fixed, the third variable was a component
concentration, and hence a density. As only one density was held fixed, a divergence in

( ln  / (1/ T )) was expected. In every case, one was observed. Despite the diversity of
metals and oxidation states, the sign of the divergence in the van’t Hoff slope in each
case was opposite to sign of heat of solution, H . The totality of the metal oxide data
suggests, but does not prove, that the observed divergence effect in the van’t Hoff slope
is that predicted by the universality principle.
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1.4 Strategy and Experimental Plan
This dissertation focuses specifically on the solvating capacity of binary liquid
mixtures that have a miscibility gap ending in a critical point of solution. The
experimental strategy examines the changes in solute solubility as the solution
temperature approaches critical. Previous work from our group has demonstrated that
under specific conditions, the solubility of a solid will steeply increase in the critical
region if dissolution is exothermic and decrease if dissolution is endothermic. With this
type of system, it is believed that the increasing size of the fluctuations in solvent density
and composition, which occur as the critical temperature is approached, are the cause of
this irregular solubility behavior. Although, exactly how these meso-scale fluctuations
cause the observed solubility effect is still unknown.
This dissertation tests the hypothesis that the divergent solubility effects in the
critical region stem from physical, not chemical causes. This hypothesis is consistent with
current theory that attributes the irregular critical behavior to the size of the fluctuations
in solvent density near the critical temperature (Kumar et al., 1983; Menon, 1995; Fisher,
1998). This hypothesis finds support from the Ising model of critical phenomena, which
predicts that critical effects depend solely upon the short-range nearest neighbor
interactions between pairs of molecules. If the critical effects are indeed independent of
the nature of the intermolecular forces involved, then one should expect that the critical
solubility effect should be independent of the chemical nature of the solute and solvent
components. The objective for this work is to test this hypothesis by designing solubility
experiments with vastly different chemistries in order to provide evidence for the premise
that divergences occur regardless of the chemical natures of the solute and solvent.
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As evidenced in Table 1.1 above, our group has completed numerous experiments
measuring metal oxide solubility in isobutyric acid (IBA) and water. In these systems,
the acid/base reaction between IBA and the oxide is responsible for the dissolution. The
dissolved metal exists in the form of free, charged cations in the liquid. Although we
have consistently observed a solubility critical effect in these metal oxide, IBA + water
systems, these experiments lack diversity in the chemistry of both the solvent and the
solute and by themselves are insufficient to support our hypothesis.
We identify changes in intermolecular forces with changes in chemistry. Varying
the choice of the solute or binary mixture is a simple way of altering the intermolecular
forces. If in the case of a given solute, the sign of the observed solubility effect is not as
predicted by the universality principle, that would imply that some property of the
intermolecular forces was playing a role. Although there are over 1,000 pairs of liquids
that exhibit a critical point of solution (Myers et al., 1966), there is an even wider variety
of solutes that can be used to test for the effects of chemistry on the critical solubility
effect.
Consider, for example, an organic molecule that is an acid-base indicator.
Depending on the solvent choice, this molecule can exist in solution in different forms
based solely on the pH of the solvent. In the case of an indicator dissolved in a water based liquid mixture, the indicator molecule can exist in either the neutral or the
protonated form depending upon pH.
Consider next the case of an organic molecule made up of multiple atoms with
single and pi bonding where the charge distribution throughout the molecule is affected
by the polarity of the solvent. No reaction to create another component is occurring, yet
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the polarity of the surrounding environment disturbs the electronic distribution in the
solute molecule, which has the effect of changing its color. Would this have some
mitigating effect that would suppress the observation of a critical point solubility
divergence?
Suppose the solute was chosen so that it was unreactive and very nearly equally
soluble in each of the components of the mixture when they are pure. Would the absence
of reactivity of the solute and its equal solubility in the two liquid components when pure
serve to suppress the critical effect in the solute solubility in the mixed solvent?
Finally, consider a metal cation in the familiar IBA and water solvent mixture that
is very poorly soluble and due to its relatively small size and high charge exists in the
form of a hydroxide in aqueous solution. What influence will the form of the cation in
solution and/or it poor solubility have on the solubility divergence effect?
In summary, the first objective of this dissertation is to test whether or not the
occurrence of a critical effect is independent of the nature of the intermolecular forces
involved. The second objective is to test the prediction of the principle of critical point
universality, which states that a solubility critical effect is present in a case where there is
no more than one fixed density variable fixed i.e., when F  3 and absent in the case
where there are two density variables fixed, i.e., when F  4 . If these two objectives can
be demonstrated, it is more than plausible that the critical effect observed upon
dissolution of a solid in a binary liquid mixture, is a physical as opposed to a chemical
effect.
With the accomplishment of the above two objectives, the scientific foundation
for engineering applications for binary mixture criticality will be laid. Unbound by
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chemistry limitations, solvents and solutes in sequestration or recovery applications could
be selected for economic reasons or because they were environmentally friendly.
The rest of this dissertation will begin by providing background information on
critical behavior, universality, classification of variables and the Gibbs phase rule.
Examples of critical divergences in other materials properties and the analogous
relationship to solubility to these properties will be discussed. Then, a detailed
methodology will provide information on the solutes and solvents used in this research
and why they were selected. For clarity, each of the experiments are discussed in separate
chapters, rather than merging all the experiments into one larger chapter. Each
experimental chapter will include information and results specific to that experiment.
The subsequent discussion section will provide an interpretation of the results as a whole
in the context of the hypotheses presented in the introduction, describe the implications of
the findings, and make recommendations for future studies.
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CHAPTER 2. PHASE TRANSITIONS, CRITICAL BEHAVIOR AND
UNIVERSALITY

The term phase transition is abstract in the sense that it can apply to a variety of
different processes in a multitude of systems. The sections below do not attempt to
encompass all the different possibilities, but rather attempt to discuss phase transitions
including only information that would be most applicable to the present work.
2.1 Introduction to Phase Transitions and Critical Behavior
A good starting point for the discussion of critical behavior is the phase diagram
for a pure fluid. A phase diagram in the case of a pure substance depicts the state of a
system at equilibrium at any given temperature and pressure. In the case of a pure
substance, a typical phase diagram shows regions corresponding to the state of the system
as a solid, liquid or gas. For pure substances at a fixed temperature and a fixed pressure,
which are characteristics of the substance, the phase line separating the liquidous from
the gaseous region ends, and the distinction between gas and liquid disappears. The endpoint temperature and pressure of the phase boundary defines the critical point of the
phase transition. Cagniard de la Tour (Berche et al., 2009) first documented this
phenomenon in 1822.
In studying phase transitions, we are not limited to only pure substances. Binary
solvent mixtures with limited miscibility will exhibit critical effects as well. In the case
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of a binary liquid mixture the phase diagram specifies the state of the system at a given
temperature, pressure and composition. At a temperature below its critical temperature, a
binary mixture with an upper critical solution temperature exists as two separate phases
or as one miscible phase, depending upon the temperature and the composition ratio of
the components (Rice, 1949). The critical temperature is the highest temperature for
which the two phases can coexist. The critical temperature can be readily observed in a
pure substance or a binary liquid mixture by observing the way it transmits light. Near
the critical temperature, these systems experience density fluctuations and are optically
non-homogenous. As a result, they scatter light and appear cloudy. This phenomenon is
known as opalescence (Stanley, 1971) and was first noticed by Thomas Andrews and
James Thomson in 1869 while experimenting with carbon dioxide (Rowlinson, 2003).
Binary liquid mixtures can have either an upper critical solution temperature
(UCST) or a lower critical solution temperature (LCST). LCST mixtures are miscible
below their critical temperature, whereas the UCST mixtures are miscible above their
critical temperature. Figure 2.1 shows phase diagrams for nonspecific LCST (a) and
UCST (b) mixture. In Figure 2.1, the temperature is T. The critical temperature is Tc.
The mole fraction is X. The vertical line labeled, Xco, defines the critical isopleth. The
two liquid components are miscible on the convex side of the solid curve. On the
concave side, they are only partially miscible, and the mixture separates into two liquid
phases (Savoy et al., 2016).
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Figure 2.1 Phase Diagram of a Binary Liquid Mixture with an (a) LCST and (b) UCST.

There has been a great deal of research surrounding critical behavior in binary
solvent mixtures. This research has contributed to a large cache of critical temperatures
and critical compositions for many mixtures (Bernabe et al., 1988; Eustaquio-Rincón et
al., 1991; Schmelzer, 1991; Nagata et al., 1991). Research into critical behavior extends
past simply determining critical point constants, however. For years, researchers have
tried to describe critical behavior through theory in order to determine which systems
share critical behavior similarities and to determine ways of anticipating which of the
various critical phenomena will be exhibited by a given system.
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2.2 Introduction to Critical Phenomena Theory
The earliest comprehensive theory of critical phenomenon is due to Landau
(Ahlers, 1980). In 1937, he derived a formula for the Helmholtz potential as a function
of temperature and a specific system parameter. In the case of a pure fluid, that
parameter was the density. In the case of a binary liquid mixture, the corresponding
parameter was the concentration difference. In his theory, Landau analyzed the critical
behavior of the various physical properties associated with a general system, and found
that at temperatures, T , near the critical temperature, Tc , the various critical properties
varied as rational powers of T  Tc . Landau’s theory was flawed in that the predicted
values of the exponents did not match with experimentally determined values. For
example, in 1940, Guggenheim examined the available experimental data for pure fluids
and determined that the shape of the coexistence curve near the critical point could be
described by an equation involving T  Tc

x

with an exponent approximately equal to

1/3, as opposed to the 1/2 value that was predicted using Landau’s theory (Ahlers, 1980).
In the 1970s, the Ising model and the renormalization group theory were applied
to critical point systems (Menon, 1995; Fisher, 1998). The renormalization group theory
keeps track of the changing dimensions of the agglomerations that form in the system
near the critical point. For example, consider a binary liquid mixture with an UCST.
Above the Tc, the mixture is in one homogeneous phase; however, if the temperature is
gradually lowered along the critical isopleth towards Tc, small globules of a second liquid
phase start to form inside the homogenous phase. As the system approaches critical,
these globules increase in size. At temperatures very, very close to critical, these
globules are thousands of angstroms in size. These fluctuations in size give rise to the
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critical opalescence mentioned previously. As the temperature continues to decrease past
the critical temperature, we move into the concave side of the diagram in Figure 1b and
the two liquids are partitioned between two separate phases (Greer, 1978).
The Ising model is based upon the idea that critical point effects are independent
of the details of the intermolecular forces. This forms the foundation of the concept of
universality, which predicts that critical phenomena expressed in terms of isomorphic
derivatives should behave the same in the critical region of a phase transition despite the
differences in the systems involved (Ahlers, 1980).
2.3 Introduction to Universality
The previous sections introduced critical phenomena and phase transitions related
to single component systems and binary liquid mixtures. However, these are far from the
only systems that behave similarly near the critical point. Others include ferromagnetic,
ferroelectric, superfluid, superconducting and binary alloy systems (Stanley, 1971; Ma,
1976). Decades of experiments involving critical behavior and phase transitions have
discovered an interesting phenomenon that researchers in the field have called
universality. Universality is the term used to describe analogous behavior in seemingly
unrelated systems. It forms the subject of the next chapter.
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CHAPTER 3. CLASSIFICATION OF VARIABLES, DIVERGENCES NEAR THE
CRITICAL POINT AND THE GIBBS PHASE RULE

It is a common practice to describe the physico-chemical properties of materials
in terms of thermodynamic variables. The following sections provide information
concerning the use of thermodynamic variable classification to describe the behavior of
materials near their critical points.
3.1 Classification of Variables and Divergences Near the Critical Point
In thermodynamics, the fundamental variables describing the state of equilibrium
of a multicomponent system include the temperature, the pressure, and the mole fractions
of the various components. As none of these variables depends upon the size of the
system, they are said to be intensive. Other intensive properties include the density and
the chemical potentials. Properties that depend upon the amount of material include the
volume, the entropy, the enthalpy, the Helmholtz energy, and the Gibbs energy. They are
said to be extensive.
When considering a binary mixture, the intensive variables can be further divided
into two different groups based on whether or not they change value in passing from one
coexisting phase to another. Properties such as temperature, pressure, and chemical
potential will have values that are uniform across every phase. If it were not so, there
would be thermal conduction, fluid flow, and interdiffusion, respectively among the
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phases. These variables are classified as field variables. The properties, such as mass
density, solubility and mole fraction, will have unique values in every phase and are
classified as density variables (Griffiths and Wheeler, 1970).
The principle of critical point universality is an inductive classification, meaning
that it is based on experience and observation. Near the critical point, some systems
experience divergences from linear behavior resulting in significant changes in
properties. Near the critical point, the derivative of a density variable with respect to a
field variable will diverge toward infinity as a function of temperature if the path of
approach to the critical point requires no more than one fixed density variable for its
description. It follows then that multicomponent systems, where equilibrium is described
by 3 or fewer degrees of freedom (one density variable plus two field variables) will
experience divergences near the critical region. It is instructive to cite specific examples
in the paragraphs below.
The isothermal compressibility of a pure fluid, for example, experiences a
divergence in the critical region. The isothermal compressibility, KT, is defined by
KT = - 1/V (∂V/ ∂P) T

(3.1)

Equilibrium in a pure fluid is determined by specifying the pressure and the
temperature. Since volume (V) is a density variable and pressure (P) is a field variable,
(∂V/ ∂P) T is the derivative of a density with respect to a field with no densities held
fixed. According to the principle of critical point universality, it should diverge in the
critical region. Because of this divergence, one finds in the laboratory that the volume
occupied by a fixed mass suffers large changes when subjected to small pressure changes.
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The coefficient of thermal expansion of a pure fluid is another property that is
known to experience divergences near the critical point. The coefficient of thermal
expansion, αP, can be described by the thermodynamic equation below:
αP = 1/V (∂V/ ∂T) P

(3.2)

Since the volume (V) is a density variable and temperature (T) is a field variable,
and the path of approach to the critical point is isobaric, which does not involve any
density variable, we should expect this property to diverge to infinity at the critical point.
The coefficient of thermal expansion is a measure of the volume change in a material as
the temperature is increased by a small amount. One can interpret this as the volume
responding strongly to changes in temperature for large thermal expansion coefficient
values.
The heat capacity of a binary liquid mixture experiences a divergence near the
critical temperature. The heat capacity, C P X , of a liquid mixture can be described by the
thermodynamic equation below:
C P X = T (∂ / ∂T )P X

Where T is the temperature,

(3.3)

is the molar entropy, P represents pressure and X

represents the mole fraction of one of the components in the mixture. Equilibrium in this
system is described by the three degrees of freedom, temperature, pressure, and one mole
fraction. Since molar entropy is a density variable and temperature is a field variable and
we have only one fixed density variable (mole fraction), we would expect the heat
capacity to diverge to infinity at the critical point. Heat capacity is the amount of heat
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that must be supplied to a material to produce a unit change in temperature. Since heat
capacity can never be negative (i.e., you cannot add heat to a material and see a decrease
in temperature), we would expect to see the heat capacity diverge towards positive
infinity.
There are many other examples of thermodynamic properties that diverge near a
critical point (Kumar et al., 1983; Lubezky and McIntosh, 1973; Méndez-Castro et al.,
2011; Souto-Caride et al., 2005; Sengers, 1985). Determining what parameters change at
the critical point is important because this knowledge directly lends itself towards
furthering the development of applications where critical behavior can be useful.
3.2 The Analogous Relationship between Heat Capacity and Solubility
The divergence in heat capacity for binary liquid mixtures near the critical
temperature is well-documented (Anisimov and Thoen, 2010; Wang et al., 2014; Utt et
al., 2007; Flewelling et al., 1996; Cerdeiriña et al., 2002). At constant pressure, P, and
mole fraction, X, the heat capacity can be expressed as CP X = T (∂ / ∂T ) P X . In the
case of a binary liquid mixture serving as the solvent for a solid, the temperature
derivative, (∂ / ∂T ) P X, of the molar entropy,

, is analogous to the temperature

derivative, (∂s / ∂T) P, X , of the solubility, s , of the solute. That is because both the molar
entropy and the solubility are density variables. The basis for this analogy rests upon the
observation that the molar entropy of a binary liquid mixture and the solubility of a solid
in such a mixture share the property that the value of each depends upon the phase in
which it is measured. In both derivatives, the temperature is a field variable. Thus,
(∂ /∂T ) P, X and (∂s / ∂T) P, X are derivatives of densities with respect to fields with just
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one density, X , held fixed. Hence, according the principle of critical point universality,
they both should diverge toward infinity in the critical region.
3.3 Introduction to the Gibbs Phase Rule
In addition to studying which properties change at the critical point, it is also
useful to be able to predict if and when these changes will and will not be observed. This
is important information that could be used to save time and money when designing
systems involving critical behavior.
The Gibbs phase rule is an equation that relates the number of free (i.e.,
independent) thermodynamic variables describing a system, such as temperature,
pressure and mole fraction as determined by the number of chemical components, the
number of reactions that they undergo, the number of coexisting phases, and the number
of side conditions specified by the stoichiometry. Numerous studies have shown that this
rule can be applied towards predicting when divergences in various critical properties
will take place (Baird, 2019; Lang, 2017).
The basic Gibbs phase rule (Lee, 1967) reads
F=C-Φ-R-I+2

(3.4)

In Eq. (3.4), F represents the number of independent variables (also known as the
degrees of freedom), C represents the number of components, Φ represents the number of
phases, R represents the number of reactions and I represents the number of constraint
equations.
The basic form of the Gibbs phase rule for a single component system is a special
case of Eq. (3.4) and is more familiar. For the case of a non-reacting single component
R = 0 and I = 0. For a single component system, if one knows that the system is in one
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phase, then the degrees of freedom is equal to 2, meaning that one would have to specify
both temperature and pressure in order to determine at what location the system was on
the phase diagram. If, on the other hand, the system is in two phases, then there is but
one degree of freedom, which means that specification of the temperature is sufficient to
locate the system on the phase diagram.
In the case of two components, if the components are not reacting with one
another, the number of degrees of freedom can equal to 2 or 3. If the degrees of freedom
equals to 2, then the system is in two phases and one of three variables, mole fraction,
pressure or temperature depends upon the values of the other two. If the degree of
freedom value is 3, then the system is in one phase and the temperature, pressure and
mole fraction variables are independent of each other. All three parameters would have
to be specified to describe the system on a phase diagram.
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CHAPTER 4. THE VAN’T HOFF SOLUBILITY PLOT IN THE CRITICAL REGION

We assert that there will be an increase or decrease in solute solubility near the
critical point. To prove this, we must have an equation that relates the change in
solubility to the change in temperature. Fortunately, the van 't Hoff equation, developed
in 1884 by Jacobus Hendricus van’t Hoff can be used for this purpose (1884). A
thermodynamic proof of the the van’t Hoff equation is given below.
4.1 Van’t Hoff Theory
The total differential of the change in Gibbs energy divided by the temperature
(∆G/T) can be expressed as the summation of the differentials due to changing pressure,
changing temperature and the change in the extent of reaction, or solubility, ξ.
 ( G / T ) 
 ( G / T ) 
 ( G / T ) 
d ( G / T )  
 dP  
 dT  
 d
P
T


T ,,

 P ,

T , P

(4.1)

At constant pressure, dP = 0, so the first term on the right side of Eq. 4.1 can be
neglected. At equilibrium, the change in the Gibbs energy is equal to zero and the extent
of reaction is equal to the extent of reaction at equilibrium, ξ = ξe . Under these two
conditions, Eq. 4.1 reads,
 ( G / T ) 
 ( G / T ) 
0
 dT  
 d e
T


 P ,e

T , P
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or
1  G 
 ( G / T ) 
0
 dT  
 d e
T
T


 P ,e
  T ,P

(4.2)

This format is not very helpful. For our purposes, it is more useful to express the
equation as the differential of the extent of reaction as a function of temperature at
equilibrium, (∂ξ/∂T)e. Upon division of both sides of Eq. (4.2) by dξe, the result is

  
 ( G / T )   
   T 


 T e
 T
 G 

(4.3)

We can simplify this expression by inserting the Gibbs-Helmholtz equation,
which reads,

H
 (G / T ) 

 2
T
 T


(4.4)

Upon substitution of Eq. (4.4), Eq. (4.3) reads,

   H   

 


T  G 
 T e

(4.5)

We can replace ∂ξ with ∂ln ξ on both sides of Eq. 4.5, so that the equation more closely
resembles the van’t Hoff equation.

  ln   H   ln  

 


T  G 
 T e

(4.6)

Finally, we can substitute the mathematical differential,
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1
dT  T 2d  
T 

(4.7)

Upon substitution of Eq. 4.7 we can write

  ln  
  ln  
 (1 / T )   T H  G 



e

(4.8)

Eq. 4.8 determines the slope of a van’t Hoff plot of ln ξ vs. 1/T. We can use this
equation to examine the solute solubility in a system near the critical point.
4.2 Sign of the Critical Behavior is Determined by the Solution Enthalpy
The solubility, represented by the extent of reaction, ξ, is a density variable. The

  ln  
 as
 G  e

change in Gibbs energy, ∆G, is a field variable. These assignments identify 

the derivative of a density with respect to a field. In the cases with fixed pressure and

  ln  
 , should diverge in the critical region
 G  e

only one composition variable held fixed, 

as specified in the Griffiths – Wheeler rules. The thermodynamic stability criteria
equations, supplied in the appendix to this document, require that for a system to be

  ln  
  0 . Therefore, as the temperature approaches the
 G e

thermodynamically stable 

  ln  
 must approach +∞. The negative sign on the right side of
 G  e

critical temperature, 
Eq. (4.8) means that

  ln  
 
lim 
T Tc  (1 / T ) 



if H  0
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(4.9a)

and

  ln  
 
lim 
T Tc  (1 / T ) 



if H  0

This is presented pictorially in Figure 4.1 below.
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(4.9b)

F=C-Φ-R-I+2

Figure 4.1 Negative and Positive Divergences and the Relationship to the Sign of the
Enthalpy

Where s is the solubility and T is the Kelvin temperature. The number of degrees of
freedom is F = 3. It is notable that we have yet to find an exception to Eqs. 4.9 in any of
our experiments that determine the solubility of a solid at the critical point of a binary
liquid mixture.

31

CHAPTER 5. PREVIOUS WORK STUDYING CRITICAL BEHAVIOR, MATERIALS
PROPERTIES AND SOLUBILITY AT THE CRITICAL POINT IN BINARY LIQUID
MIXTURES

The research encompassing the topic of critical phenomena is extensive.
Surprisingly, the research specifically looking at solubility changes at the critical point is
severely lacking. For completeness and to illustrate the depth of research related to
critical behavior, this section initially provides the reader with literature references for
some previous work related to critical phenomena, but unrelated to solute solubility.
Then, the limited solubility-related research is discussed in greater detail.
5.1 Previous Work with Critical Conditions and Materials Properties
Studies of the effect of the critical point of solution on the physical properties of
binary liquid mixtures are extensive. For example, there are numerous studies evaluating
the effect on the dielectric constant and the refractive index. Background and useful
references describing these results can be found in Losada-Pérez (2019) and Jamali &
Behnejad (2014). There are also studies focusing on thermophysical properties, such the
heat capacity (Peleteiro et al., 2004; Egupov, 1956; Perrakis, 1925), the coefficient of
thermal expansion (Scheibner et al., 1978; Klein and Woermann, 1975), the viscosity
(Abderaziq IR, 2015; Berg & Moldover, 1988; Drapier, Paul, 1911), and the surface

32

tension (Kahl et al., 2003; Mainzer-Althof and Woermann, 1997; Campbell et al., 1968).
With regards to the chemical properties, there have been several studies of the effect of
the critical point of solution on the rates of chemical reaction (Specker et al., 2007;
Snyder and Eckert, 1973; Hu et al., 2004). By contrast, before the entry of our group into
the field, there was only one reported study of the effects of the critical point of solution
on the position of chemical equilibrium.
5.2 Measurements of the Extent of Reaction
The work by Tveekrem, Cohn and Greer represents the first attempt to study the
extent of reaction as a function of temperature using as solvent a binary liquid mixture
near its critical point (1987). This group studied the reaction 2 NO2  N2O4 in a mixture
of perfluoromethylcyclohexane + carbon tetrachloride. The extent of reaction was
determined by measuring its effect on the electric permittivity of the mixture. Greer et al.
argued that the angular structure of the NO2 molecule would give it dipole moment
whereas the planar, symmetrical N2O4 molecule would have a zero dipole moment.
Hence, a shift in the position of equilibrium would have an effect on the electric
permittivity of the reaction mixture. The electric permittivity was determined by
measuring the capacitance of the cell containing the mixture in equilibrium with its
vapor. The authors reported only a small shift in the position of equilibrium near the
critical temperature, as shown in Figure 5.1 by the departures of the data from
background as determined by the straight lines.
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Figure 5.1

Dielectric Constant vs. Temperature for the Dimerization of NO2 in
Perfluoromethyl Cyclohexane + Carbon Tetrachloride.
Reprinted from Tveekrem et al., 1987, with the permission of AIP
Publishing

Given the limits placed on the system by the phase rule, we can use it plus the
principle of critical point universality to determine whether or not a critical point effect in
the electric permittivity is to be expected. There are four components (carbon
tetrachloride, perfluoromethylcyclohexane, nitrogen dioxide and dinitrogen tetroxide);
hence C = 4. There is one reaction (2 NO2  N2O4); hence, R = 1. There are two
phases (gas and liquid), so Φ = 2. None of the mass balance relations are free of the
initial conditions, which disqualifies them from serving as constraint equations; hence,
I = 0. Application of the phase rule is then (F = C – Φ – R – I + 2) which gives 4 – 1 – 2
– 0 + 2 = 3. The value, F = 3, agrees with the experimental conditions where
temperature, pressure, and the ratio of the solvent component mole fractions is fixed.
Under these conditions, according to the principle of critical point universality, a critical
effect is to be expected.
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Tveekrem, Cohn and Greer used the ratio of ε/εs as a measure of the extent of
reaction, where εs and ε represent the electric permittivities of the solvent and the solvent
plus reactants and products, respectively. It is likely that the small critical response of the
system was due to the fact that the electric permittivity of a liquid is a weak function of
the solutes which it contains. The equations supporting this statement are quite lengthy
and are included in the appendix at the end of this document.
5.3 Solubility of the Metal Oxides
Most of our group’s previous work has focused on metal oxides dissolving in the
isobutyric acid (IBA) + water binary mixture. This work was first reported by Kim and
Baird (2005), and then by Hu et al. (2014), and Baird et al. (2018). Critical effects were
observed in the endothermic dissolution of the oxides of Cu(II), Co(II), Co(II,III), Ni(II),
Fe(III), Mn(IV), Ce(IV) and In(IV). Critical effects were also observed in the
endothermic dissolution of gallium (III) oxide (Mauro, 2021). Exothermic critical effects
were observed in the dissolution was observed in the case of the oxides of Sn(II) and
Al(III). All of these oxides go into solution by acid/base reaction with isobutyric acid,
and all are cases of F = 3. Typical van’t Hoff plots (Kim and Baird, 2005) are provided
in Figures 5.2 and 5.3. In each case, the behavior of the solubility both inside and outside
the critical region is consistent with the van’t Hoff equation, the universality principle
and the phase rule as previously described in this document.

35

Figure 5.2

Negative Divergence for Manganese Dioxide Solubility in Isobutyric Acid
and Water

Figure 5.3

Positive Divergence for Aluminum Oxide Solubility in Isobutyric Acid and
Water
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The number of experiments completed by this group illustrating the critical effect
in solubility of metal oxides in binary liquid mixtures is convincing. However, the
limited variety in the solutes and solvents studied is also apparent. In order to test the
hypothesis that the existence of a critical point solubility effect (either positive or
negative) is independent of the details of the chemistry requires examination of a more
extensive array of solvent pairs and solutes.
More recent work has increased the chemical complexity somewhat by
considering the dissolution of more than one metal oxide at a time, in this case
manganese dioxide and aluminum oxide in IBA + water (F = 3), and copper (I) oxide and
aluminum oxide in IBA + water (F = 3). The solubilities of barium sulfate and calcium
sulfate were also shown to diverge in very recent work by Mote (2021). Simultaneous
dissolution of salts, potassium iodide and lead sulfate, in IBA + water (Baird et al., 2019;
Baird et al., 2015) was also examined as an example of F = 4 systems, where, as
predicted by the universality principle, no critical effect was observed.
The results of these various experiments uphold the principle of critical point
universality, which implies that binary liquid mixtures containing solutes where only one
density variable is fixed, will exhibit a divergence in the slope of the van’t Hoff plot in
the critical region; whereas, by contrast, mixtures described by more than one fixed
density variable will fail to exhibit an effect.
Our research group has just recently started to consider organic solutes in organic
solvents in an attempt to demonstrate that these critical effects occur regardless of the
chemical nature of the solute and solvents, thus giving more credibility to the idea that
these divergences are the result of physical effects. Baird et al. reported a divergence in
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the van’t Hoff plot of the solubility of phenolphthalein in nitrobenzene + dodecane
(F = 3) near the critical temperature (Baird et al. 2018). This experiment is chemically
different from the previous tests in that the solute is an organic compound and chemically
inert with respect to the solvent pair, nitrobenzene and dodecane. This dissertation
extends this line of investigation to include solutes and solvents, which are still more
chemically diverse, so as to provide a stringent test of the relation between the existence
of critical point solubility divergences and the number of fixed density variables.
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CHAPTER 6. METHODOLOGY

The idea that some process affecting solute solubility could be unrelated to the
chemistry of the material is not intuitive. Therefore, it is natural to question exactly how
solubility divergences fit into the universality concept. The approach used in this work
was to vary the solute and solvent components widely in the case of the solubility critical
effect in order to test its seeming independence upon the chemical nature of the solute.
Unlike the experiment of Tveekrem et al. (1987) which required in situ measurements of
the dielectric permittivity in order to determine composition, our experimental method
permits sampling of the mixture. The samples in our method can be diluted out of the
critical region and cooled (or warmed) to room temperature and stored for later
determination of their concentrations by readily available instrumentation.
Creating chemical diversity in the systems studied in this work necessitated using
many different solvent pairs and solutes. Critical temperature and composition
information for a large number of pairs is available in the literature. Regardless, there
were several limitations in selecting suitable solvent mixtures. First, the critical
temperature and composition values needed to be in within the range of convenient
temperature control using our water bath. Secondly, as there is an effect of solute
concentration on the critical temperature, the control of temperature was aided if the
solubility was not so great as to raise the critical temperature of the solvent pair by more
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than a few degrees. On the other hand, the solubility could not be so slight as to fall
below the limit of detection of our spectroscopic method. Finally, solvents that were
relatively non-hazardous, relatively inexpensive and/or commonly used in many
applications were preferable.
6.1 Overview
The solvent sets used in this research were isobutyric acid/water,
acetonitrile/decanol, and ethanol/tetradecane. These solvents are chemically dissimilar.
Isobutyric acid is an organic acid. In an aqueous mixture at the critical composition, the
pH = 2. Acetonitrile is a polar aprotic molecule, which in solution forms chains of
molecules linked head-to-tail with parallel dipole moments and strong short-range order
(Reimers and Hall, 1999). Decanol is a protic solvent and is comparatively non-polar,
based on the solvent’s dielectric constant. Ethanol is a polar protic solvent. Ethanol
interacts with other ethanol molecules via hydrogen bonding, and the molecules line up in
a very linear fashion (Jindal & Vasudevan, 2020). Tetradecane is a long-chain, non-polar
hydrocarbon incapable of hydrogen bonding.
The hypothesis for this work is that there will be a divergence in solute solubility
near the critical point regardless of the system chemistry. This means that factors such as
the acid-base chemistry of the system, the polarity of the solvent and the inert nature of
the solute with respect to the solvent should be irrelevant. This hypothesis also applies to
the solutes. The solutes used in this research were methyl orange indicator, rhodanine
dye, anthracene, titanium dioxide and zinc tartrate.
Methyl Orange is a well-known indicator dye. In aqueous solution, at a pH below
3, the dye is red in color. At a pH above 4.4, the dye is yellow in color. In acidic
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solutions, the proton attaches to the nitrogen in the double bond pushing the positive
charge off across the benzene ring to the other nitrogen. This organic solute is comprised
of multiple functional groups with different bonding and thus is much different that the
metal cations previously studied in our group. Furthermore, methyl orange is ideal for
examining possible effects related to acid-base chemistry between a solute and a solvent.
In a mixture of IBA and water, methyl orange will exist in the protonated form and
appear red. In a non-acidic mixture, such as ethanol and tetradecane, the solute will not
be protonated and will appear orange or yellow. Methyl orange also has the advantage of
being very well studied with a large amount of data available on the chemistry of the
molecule. The compound has some solubility but is not exceedingly soluble in the
solvents chosen for this work. In addition, this compound is less harmful than many
other organic compounds.
Rhodanine dye is a solvatochromic dye with a dimethylamino group donating
charge to the rhodanine (five membered ring with the sulfur atoms, nitrogen atom and
carbonyl) group. This is termed an intramolecular charge transfer process and results in
shifting the absorbance maximum to a longer wavelength with increasing solvent polarity
(positive solvatochromism) and a corresponding color change. There is a large amount of
information available on rhodanine dyes as a class. Absorbance and fluorescence
maxima in several solvents are provided in work by Ray et al. (2008). Rhodanine is
comprised of multiple chemical elements with different bonding and thus is much
different than the metal cations previously studied in our group. The polarity of the
solvent environment will affect the charge distribution in this molecule. This solute
exhibits a strong physical response to the solvent without undergoing chemical reaction.
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As such, the relationship between solute and solvent differs from those previously studied
and is useful for examining possible influence of solvent polarity on the critical effect.
Anthracene consists of three fused benzene rings joined together and it is a
member of the larger group known as polycyclic aromatic hydrocarbons. This simple,
non-polar, aromatic organic solute is much different than the metal cations previously
studied in our group. It is non-reactive in the ethanol and tetradecane mixture and has
approximately the same solubility in each solvent (Lorimer, 1994). The inert nature of
the solute relative to the planned solvent pair constitutes a different relationship between
solute and solvent than most of our previous studies and is useful for examining if the
absence of interaction between the solute and solvent has any effect on the anticipated
critical divergence. Furthermore, anthracene is easily analyzed using gas
chromatography mass spectrometry. As this method is sensitive at parts per million
levels, only a small sample aliquot needs to be removed at each temperature. The small
size of each sample had little effect on the overall composition of the mixture. This was a
distinct advantage when in the case of the anthracene solubility experiment, aliquots
needed to be extracted from the two-phase region.
Titanium dioxide has a very low solubility in water and acid solutions. Previous
research indicates that the titanium cation does not exist free in solution, rather it is
present in the form of hydroxides (Baes & Mesmer, 1976). The form of the hydroxide,
which is present, is dependent on the pH of the solution, with Ti(OH)22+ being the
dominate form at pH < 1, Ti(OH)3+ being the dominate form at a pH of approximately 3
and Ti(OH)4 being the dominate form above a pH of approximately 4 (Sugimoto et al,
2002). Sugimoto also suggests the possibility of a Ti(OH)4 precipitate in equilibrium
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with TiO2 solid. The presence of multiple forms of the titanium cation in solution, the
possibility of the presence of another solid form of titanium present in the vessel as well
as the overall poor solubility of the titanium cation in solution distinguishes this system
from previously studied metal cations.
Zinc Tartrate was selected primarily because it has a very suitable solubility
range. It is soluble enough to be easily detectible by ICP-OES, but not so soluble that
adding enough to be in excess would produce an unacceptable shift in the solvent critical
temperature. The material was easy to prepare by precipitation from an aqueous solution
containing sodium tartrate and zinc acetate, both chemicals that were already present in
the lab. The tartrate can form tartaric acid in solution and has a relatively complex
reaction chemistry, making it a stringent test of the universality principle and the phase
rule. The tartrate anion itself is a common reagent in organic chemistry, where it is
frequently used in the study of enantiomeric compounds. Tartaric acid has two optically
active isomers. Indeed, it is perhaps the most well-known example of an enantiomeric
compound (Derewenda, 2008). Our solubility experiments with this compound might
lend themselves to potential applications of analytical techniques involving the separation
of chiral species.
The experimental apparatus and procedure used for collecting the samples is
described below and is for the most part similar to that used in experiments previously
conducted by our group. However, the following strategies were implemented to try to
improve data quality. The differences lay primarily in the analytical technique. First, the
sample receiving vessel was weighed prior to and after the addition of the sample aliquot
and then again after the addition of the dilution solvent. Diluting the sample at the time
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of collection yields a homogeneous sample and alleviates the need for warming the
sample aliquot later to get it in one phase. Secondly, two or three separate aliquots were
taken at each temperature range. A spare sample improves quality control by functioning
as a duplicate or when developing an analysis method. This also allows for a “back-up”
in case of some error during sample collection. Thirdly, due to concerns over the
possibility of undissolved particles in solution, some of the samples were filtered at the
time of collection with a syringe filter. Finally, in those cases where sampling in the twophase region was required, the sample was collected using a long, thin needle fitted to a
syringe. The top layer was sampled first. The bottom layer was sampled second by first
drawing up a small amount of air into the syringe, inserting the needle just past the top
layer and blowing the air out to remove any of the top layer that might have entered the
barrel. Then, the needle was inserted deeper into the bottom layer to collect the sample.
Note was taken of how the addition of the solute shifted the critical temperature of
the solution. Different solutes increase or decrease the mutual solubility of the solvents,
which has the effect of shifting the critical temperature. Once the samples were collected
and analyzed, the data was evaluated to determine if the results contained experimental
error. If the results were too sporadic, the cause was determined, fixed and the samples
were analyzed again to get a stable, repeatable result. Previous results with metal oxides
have shown that the solubility divergence begins at a temperature around 1oC before the
critical temperature; therefore, all the data plotted in the form of ln ξ vs. 1/T included a
vertical dashed line locating the critical temperature and another vertical dashed line
indicating a temperature 1oC away from critical. A line was drawn through points
outside the critical region in order to determine the background and a second line was
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drawn through the points in the critical region. The difference in slopes served to define
the sign and extent of the critical effect. A phase rule calculation was done for each of the
experiments to determine the number of variables and determine whether or not a
divergence was to be expected.
This chapter concludes with supplementary information on the solute structure as
well as critical point information and phase diagrams for the solvent mixtures. This
information is included for the reader’s convenience and for completeness. Providing the
reader with pictures of the chemical structures of the compounds and phase diagrams for
the binary mixtures in the following sections gives the reader a more complete picture of
how these choices support the hypotheses in this work.
6.2 Experimental Apparatus and Analytical Instrumentation
The systems consisted of a binary liquid mixture and some solid in excess were
placed in glass-stoppered cylinders inside a water bath equipped with a stirrer and a
heating device. The experimental apparatus is shown in Figure 6.1. The water bath was
set to a certain temperature and the solutions were stirred for several hours, followed by a
24-hour settling period. After the samples settled, portions of the samples were taken for
further analysis using either a ThermoScientific ICAP 6500 ICP-OES, a Varian GCMS, a
Dionex HPLC coupled to a Dionex AD25 absorbance detector or a Waters HPLC-PDA.
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Figure 6.1 Experimental Apparatus Utilized for this Work

6.3 Solvent Mixtures
Isobutyric acid and water is a solvent mixture with an upper critical solution
temperature. The upper critical solution temperature and critical composition for the
isobutyric acid and water mixture is approximately 26.4oC and 38.8 mass % isobutyric
acid, respectively. The phase diagram for the system is shown in Figure 6.2. (Toumi et.
al 2002).
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Figure 6.2

Coexistence Curve of the Isobutyric Acid – Water System
Note: Reprinted with permission from Chemical Physics Letters, 362, A.
Toumi, M. Bouanz, A. Gharbi, Coexistence Curves of the Binary Mixture
Isobutyric Acid–Water with Added Ions (K+,Cl−), 567–573, Copyright
Elsevier 2002.

Acetonitrile and decanol is a solvent mixture with an upper critical solution
temperature. The upper critical temperature and critical composition for the acetonitrile
and decanol mixture is 23.9 oC and 0.252 mole fraction decanol, respectively (Domańska
& Marciniak, 2005). The phase diagram for the system is shown in Figure 6.3. In the
figure, x1 represents the mole fraction of decanol. The experimental temperatures are
represented by points. Data points generated by use of the Non-Random-Two-Liquid
(NRTL) equation are represented by the solid line. Data points generated by use of the
Universal quasichemical Functional group Activity Coefficients (UNIFAC) are
represented by the dashed line.
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Figure 6.3

Coexistence Curve of the Acetonitrile-Decanol (1) System.
Note: Reprinted with permission from Journal of Chemical & Engineering
Data, 50(6), U. Domańska, & M. Marciniak, Experimental (Solid + Liquid)
and (Liquid + Liquid) Equilibria and Excess Molar Volume of Alkanol +
Acetonitrile, Propanenitrile, and Butanenitrile Mixtures, 2035–2044.
Copyright {2005} American Chemical Society

Ethanol and tetradecane is a solvent mixture with an upper critical solution
temperature. The upper critical temperature and critical composition for the ethanol and
tetradecane mixture is 34.7 oC and 36.9 mass % ethanol, respectively (Matsuda and Ochi,
2004; Diekmann et al., 2020). The phase diagram for the system is shown in Figure 6.4.
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Figure 6.4

Coexistence Curve of the Ethanol-Tetradecane System
Note: Reprinted with permission from Fluid Phase Equilibria, 224, H.
Matsuda, K. Ochi, Liquid–liquid equilibrium data for binary alcohol + nalkane (C10–C16) systems: methanol + decane, ethanol + tetradecane, and
ethanol + hexadecane, 31-37. Copyright Elsevier 2004
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6.4 Selected Solutes
General information for each of the chosen solutes is provided in the following
paragraphs.
Methyl orange (Sodium 4-{[4-(dimethylamino)phenyl]diazenyl}benzene-1sulfonate, CAS # 547-58-0) is shown in Figure 6.5

Figure 6.5

Methyl Orange Indicator
Note: Figure available in the public domain
https://commons.wikimedia.org/wiki/File:Methyl-orange-2D-skeletal.png

Rhodanine Dye (5-(4-Dimethylaminobenzylidene) rhodanine, CAS# 536-17-4 is
shown in Figure 6.6.

Figure 6.6

Rhodanine Dye
Note: Reproduced with permission from Merck KGaA, Darmstadt,
Germany and/or its affiliates.
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Anthracene (CAS# 120-12-7) is shown in Figure 6.7.

Figure 6.7

Anthracene
Note: Figure available in the public domain
https://pubchem.ncbi.nlm.nih.gov/compound/Anthracene#section=2DStructure

Titanium Dioxide (CAS# 13463-67-7) is a naturally occurring mineral. Although
multiple crystal structures are possible, tetragonal is the most common. It is bright white
in color. It is widely used as a pigment.
Zinc Tartrate (CAS# 551-64-4) is shown in Figure 6.8. The carbon atoms are
shown in black, the zinc atoms are shown in blue, the oxygen atoms are shown in red.
Hydrogen atoms are shown in white, but only the hydrogens needed to show the
enantiomer form are included. The remaining hydrogens have been omitted for clarity.
Tartrate exists as an enantiomeric compound, having both R and S forms possible. The R
form rotates plane polarized light to the right and the S form rotates plane polarized light
to the left. Mixtures of both forms will cancel each other out. The R and S designations
are assigned based upon the orientation of the atoms around the chiral centers with atoms
assigned priority based upon atomic number.
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Figure 6.8 Zinc R-Tartrate Pentahydrate as Determined by Single Crystal XRD
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CHAPTER 7. THE SOLUBILITY OF METHYL ORANGE IN ACIDIC AND
NEUTRAL/BASIC SOLVENT SETS

The purpose of this experiment was to examine the solubility divergence effects
in a system of acidic or neutral solvent pairs with a solute expected to have different
reactivity in each environment. The rest of this chapter provides specific details for the
experiment, the effect of the solute on shifting the critical solution temperature, a
description of how the solute concentrations were measured, a calculation of the number
of fixed density variables and the results. For clarity, the IBA + water + methyl orange
system is discussed first and the ethanol + tetradecane + methyl orange system is
discussed second.
7.1 Experimental Summary for the IBA + Water + Methyl Orange System
The reaction mixture was contained within a cylindrical vessel, which was capped
by a ground glass stopper, and had a volume of approximately 250 ml. The binary liquid
solvent mixture consisted of 200 grams of isobutyric acid and water prepared at the
critical composition, 38.8 mass % isobutyric acid. To this was added 0.07 grams of
methyl orange. This amount was sufficient to ensure that there was always excess solid
present during the course of the experiment. As the pH of the solvent mixture was below
three, the solution with added methyl orange appeared red in color. The resultant color of
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the solution did make it more difficult to perceive the opalescence at the critical point, but
did not obscure it entirely.
The critical temperature was determined by visual observations of opalescence.
Sample collection began at a temperature approximately 0.1oC above critical. Three
milliliters of liquid in the one phase region was collected at each temperature step for the
isobutyric acid and water mixture.
7.2 Effect of Solutes on Critical Solution Temperature for the IBA + Water +
Methyl Orange System
Dissolution of methyl orange in the isobutyric acid and water mixture decreased
the critical solution temperature (CST) from 26.4 oC to 25.9 oC, a very modest decrease.
This observation of a decrease in critical temperature is indicative of the solute only very
slightly increasing the mutual solubility of the two liquids.
7.3 Analysis Details for the IBA + Water + Methyl Orange System
The methyl orange concentrations in the samples collected from the IBA and
water mixture were measured using a Dionex HPLC hooked to an AD25 absorbance
detector set to 420 nm. A Varian Pursuit XRs 3 C8 column was used with an isocratic
methanol mobile phase. Standards for calibration were prepared by dissolving a known
amount of solid into methanol. The collected samples were stirred vigorously and a 50 μl
aliquot was abstracted and diluted to 5 ml total volume in methanol. Although the
samples were red at the time of collection (due to the acidity of IBA), upon dilution in
methanol, they were yellow in color.
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7.4 Calculation of Fixed Density Variables for the IBA + Water + Methyl Orange
System
The full application of the phase rule is provided in the appendix. An abbreviated
version is provided here for completeness. For reference, the phase rule states that
F = C – Φ – R – I + 2, where F is the number of independent variables, C is the number
of chemical components, R is the number of chemical reactions among the components,
Φ is the number of coexisting phases, and I is the number of constraint equations.
Consider first the vessel consisting of IBA + water + methyl orange. Let the
protonated indicator be represented by HIn and the solid indicator present as a salt be
represented by NaIn (s). The protonated isobutyric acid is represented by HA and the
isobutyrate anion is represented by A– . In the vessel containing IBA, water and methyl
orange in excess, there are 8 components (HA, H2O, H3O, A–, HIn, In–, Na+ and NaIn (s))
and 2 phases (solid methyl orange, IBA and water). There should be 3 reactions and 2
constraint equations. Therefore, the phase rule calculation for this vessel is F = 8 – 3 – 2 –
2 + 2 = 3. In the critical region, we should thus expect a van’t Hoff plot of the solubility
to deviate from the normal linear, background behavior.
7.5 Results for the IBA + Water + Methyl Orange System
The methyl orange indicator concentration and temperature data for the IBA and
water mixture are shown in Table 7.1. The natural logarithm (ln) of the methyl orange
concentration vs. 1000/Temperature in K for the data presented in Table 7.1 is plotted in
Figure 7.1. The vertical dashed lines represent the critical temperature and a temperature
1oC away from critical. The methyl orange concentrations were divided by 1.0 ppm in
order to make the arguments of the logs unitless.
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Table 7.1 Methyl Orange Concentration and Temp. Data for the IBA and Water Vessel

Temp. K

1000/K

Avg. Methyl Orange
Conc. (ppm)

25.95

299.1

3.343

349.3

1.7

5.856

26.02

299.2

3.343

351.7

0.3

5.863

26.13

299.3

3.341

350.0

3.8

5.858

26.23

299.4

3.340

356.7

3.7

5.877

26.31

299.5

3.339

363.7

0.2

5.896

26.40

299.6

3.338

371.9

3.5

5.919

26.49

299.6

3.337

374.6

7.3

5.926

26.55

299.7

3.337

374.4

0.6

5.925

26.67

299.8

3.335

381.2

0.4

5.943

26.93

300.1

3.332

389.0

0.1

5.964

27.40

300.6

3.327

391.9

1.9

5.971

27.81

301.0

3.323

402.1

0.4

5.997

28.32

301.5

3.317

409.7

0.1

6.015

28.74

301.9

3.312

424.8

0.1

6.052

29.10

302.3

3.309

432.2

0.8

6.069

29.47

302.6

3.304

432.5

0.6

6.070

29.87

303.0

3.300

441.3

0.5

6.090

30.24

303.4

3.296

449.0

0.4

6.107

30.60

303.8

3.292

450.0

1.7

6.109

Temp.

oC
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Std. Dev.

LN Methyl
Orange

Figure 7.1

Ln Methyl Orange Solubility vs. 1000/Temperature (K-1) in the IBA and
Water Vessel
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7.6 Experimental Summary for the Ethanol + Tetradecane + Methyl Orange System
The reaction mixture was contained within a cylindrical vessel, which was capped
by a ground glass stopper, and had a volume of approximately 250 ml. The vessel was
filled with approximately 89 grams of ethanol and tetradecane prepared at the critical
composition, 36.9 mass % ethanol. Methyl orange, 0.25 grams, was added to the vessel.
The pH of this vessel was above three; therefore, the ternary solution appeared orange in
color, which is consistent with the color of methyl orange solid.
The critical temperature was determined by visual observations of opalescence.
Sample collection began at a temperature approximately 0.1oC above critical. One
hundred microliters of liquid in the 1 phase region was collected for the ethanol and
tetradecane mixture and diluted with an addition 1 ml of ethanol.
7.7 Effect of Solutes on Critical Solution Temperature for the Ethanol +
Tetradecane + Methyl Orange System
Dissolution of the methyl orange in the ethanol and tetradecane mixture increased
the CST from 34.7 oC to 35.3 oC, a modest increase. This increase in critical temperature
indicates that the solute decreased the mutual solubility of the two liquids. This could be
explained by the solvation of the sodium salt end of the methyl orange indicator molecule
making the solute better soluble in a polar solvent (tetradecane is non-polar).
7.8 Analysis Details for the Ethanol + Tetradecane + Methyl Orange System
The methyl orange concentrations in the samples collected from the ethanol and
tetradecane mixture were measured using a Waters HPLC-Photo Diode Array. A Varian
Pursuit XRs 3 C8 column was used with an isocratic methanol mobile phase. Standards
for calibration were prepared by dissolving a known amount of solid into methanol. This
instrument was used because it is capable of analyzing a much smaller aliquot of sample.
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7.9 Calculation of Fixed Density Variables for the Ethanol + Tetradecane + Methyl
Orange System
In the vessel containing ethanol, tetradecane and methyl orange in excess, ethanol
is not a strong enough acid to protonate the methyl orange indicator. There are 3
components (ethanol, tetradecane and methyl orange) and 2 phases (solid methyl orange,
ethanol and tetradecane). There should be 0 reactions and 0 constraint equations.
Therefore, the phase rule calculation for this vessel is F = 3 – 2 – 0 – 0 + 2 = 3. Hence,
we should expect a deviation in solubility from normal linear background behavior near
the critical temperature.
7.10 Results for the Ethanol + Tetradecane + Methyl Orange System
The methyl orange indicator concentration and temperature data for the ethanol
and tetradecane mixture containing methyl orange are shown in Table 7.2. The natural
logarithm (ln) of the methyl orange concentration vs. 1000/Temperature in K for the data
presented in Table 7.2 is plotted in Figure 7.2. The methyl orange concentrations were
divided by 1.0 ppm in order to make the arguments of the logs unitless.
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Table 7.2

Methyl Orange Concentration and Temp. Data for the Ethanol and
Tetradecane Vessel

Temp. oC

Temp. K

1000/K

Avg. Methyl Orange
Conc. (ppm)

Std. Dev.

LN Methyl
Orange

35.41

308.6

3.241

49.66

0.13

3.905

35.49

308.6

3.240

39.94

0.46

3.687

35.60

308.7

3.239

39.87

0.04

3.686

35.68

308.8

3.238

37.32

0.23

3.619

35.85

309.0

3.236

35.86

0.31

3.580

35.97

309.1

3.235

36.44

0.07

3.596

36.04

309.2

3.234

32.57

0.07

3.483

36.28

309.4

3.232

32.60

0.18

3.484

36.65

309.8

3.228

33.08

0.17

3.499

37.00

310.1

3.224

31.91

0.27

3.463

37.34

310.5

3.221

31.59

0.20

3.453

38.08

311.2

3.213

32.26

0.11

3.474

38.53

311.7

3.208

29.70

0.10

3.391

38.83

312.0

3.205

29.38

0.09

3.380
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Figure 7.2

Ln Methyl Orange Solubility vs. 1000/Temperature (K-1) in the Ethanol and
Tetradecane Vessel
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CHAPTER 8. THE SOLUBILITY OF RHODANINE DYE IN ACETONITRILE AND
DECANOL

The purpose of this experiment was to examine the solubility divergence effects
in a system of solvent pairs with a polarity difference using a solute expected to be
responsive to the polarity of the environment. The rest of this chapter provides specific
details for the experiment, the effect of the solute on shifting the critical solution
temperature, a description of how the solute concentrations were measured, a calculation
of the number of fixed density variables and the results.
8.1 Experimental Summary
For this experiment, a cylindrical glass vessel with a ground glass stopper was
filled with 78 grams of acetonitrile and decanol prepared at the critical composition, 43.3
mass % acetonitrile. Rhodanine dye, in the amount of 0.21 grams, was added to the
vessel. The critical temperature was determined by visual observations of opalescence.
Sample collection began at a temperature approximately 0.1oC above critical. Four
hundred microliters of liquid in the one phase region was collected at each temperature
step and diluted to a total volume of four milliters with acetonitrile.
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8.2 Effect of Solutes on Critical Solution Temperature
Addition of the rhodanine dye slightly decreased the CST of acetonitrile +
decanol from 24.0 oC to approximately 23.5 oC, indicating that the addition of the dye
slightly increased the mutually solubility of these liquids.
8.3 Analysis Details
Rhodanine concentrations in the samples were measured using a Waters HPLC
hooked to photodiode array detector set to 464 nm. A Varian Pursuit XRs 3 C8 column
was used with an isocratic acetonitrile mobile phase. Standards for calibration were
prepared by dissolving a known amount of solid into acetonitrile. Samples were diluted
with acetonitrile (1:100) prior to analysis to keep from exceeding the range of the
detector.
8.4 Calculation of Fixed Density Variables
There are 3 components (acetonitrile, decanol and rhodanine) and 2 phases (solid
rhodanine, acetonitrile and decanol) in the vessel. Other than affecting the charge
distribution throughout the dye molecule, the acetonitrile, decanol and rhodanine dye are
all expected to be chemically inert with respect to one another; hence, there should be
zero reactions and zero constraint equations. Therefore, the phase rule calculation for this
vessel is F = 3 – 0 – 2– 0 + 2 = 3. We would expect a deviation in solubility from normal
linear behavior near the critical temperature.
8.5 Results
Rhodanine dye concentration vs. temperature data are shown in Table 8.1. The
natural logarithm (ln) of the rhodanine concentration vs. 1000/temperature (K) for the
data presented in Table 8.1 is plotted in Figure 8.1. The vertical dashed lines represent the
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critical temperature and a temperature 1oC away from critical. The standard divisor
concentration for the data set to make the ln value unit-less was 1.0 ppm.
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Table 8.1 Rhodanine Dye Concentration and Temperature Data

Temp. K

1000/K

Avg. Rhodanine
Conc. (ppm)

23.55

296.7

3.370

698.8

2.7

6.549

23.66

296.8

3.369

712.6

2.5

6.569

23.78

296.9

3.368

701.9

3.8

6.554

23.88

297.0

3.367

704.2

9.9

6.557

23.98

297.1

3.365

733.6

10.4

6.598

24.08

297.2

3.364

733.1

17.3

6.597

24.21

297.4

3.363

736.3

10.4

6.602

24.33

297.5

3.362

739.4

3.2

6.606

24.45

297.6

3.360

766.4

4.3

6.642

24.61

297.8

3.358

787.3

11.7

6.669

25.14

298.3

3.352

798.9

7.8

6.683

25.55

298.7

3.348

789.8

9.9

6.672

26.07

299.2

3.342

807.1

14.9

6.693

26.83

300.0

3.334

833.7

2.0

6.726

27.51

300.7

3.326

842.5

6.1

6.736

28.13

301.3

3.319

839.4

2.5

6.733

28.76

301.9

3.312

866.7

4.4

6.765

29.49

302.6

3.304

847.2

3.8

6.742

Temp.

oC

65

Std. Dev.

LN
Rhodanine

Figure 8.1

Ln Rhodanine Solubility vs. 1000/Temperature (K-1) in the Acetonitrile and
Decanol Vessel
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CHAPTER 9. THE SOLUBILITY OF ANTHRACENE IN ETHANOL AND
TETRADECANE

The purpose of this experiment was to examine the solubility divergence effects
in a system of unreactive solvent pairs with a solute expected to be unreactive in the
solvent environment while approaching the critical temperature from the two-phase side.
The rest of this chapter provides specific details for the experiment, the effect of the
solute on shifting the critical solution temperature, a description of how the solute
concentrations were measured, a calculation of the number of fixed density variables and
the results.
9.1 Experimental Summary
For this experiment, a cylindrical glass vessel with a ground glass stopper was
filled with 134 grams (173.8 ml) of ethanol and tetradecane prepared at the critical
composition, 36.9 mass % ethanol, and 1.31 grams of anthracene were added. The binary
mixture has an upper critical solution temperature of 34.7 oC. Below this temperature, the
mixture exists as two phases. Since a divergence near the critical point would be expected
regardless from which side the critical temperature was approached, the samples from
this vessel were collected in the two-phase region that exists below the critical point. This
procedure allowed us to approach the solubility divergence from a new direction. The
lower temperature approach is convenient experimentally as the water bath temperature
can be held closer to room temperature. The density of ethanol is 0.789 g/ml and the
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density of tetradecane is 0.764 g/ml so, in the two-phase region, we would expect the
ethanol-rich layer to be on the bottom and the tetradecane-rich layer to be on the top. The
critical temperature was determined by visual observations of opalescence. Sample
collection began at a temperature approximately 7 degrees below critical and the
temperature was incrementally increased up to the critical temperature. A 100 μl aliquot
(less than 0.1%) of each layer was collected at each temperature step and then the aliquot
was diluted with an additional 1 ml of ethanol in order to remove it from the two phase
region. The sample volume was kept to a minimum such that the overall critical
composition in the vessel would not be significantly changed by removal of an aliquot.
9.2 Effect of Solutes on Critical Solution Temperature
Addition of the anthracene slightly increased the CST from 34.7 oC to
approximately 35.0 oC, indicating that the addition of the solute only very slightly
decreased the mutually solubility of one solvent within the other. Given the inert nature
of anthracene in the binary mixture, as well as its similar solubility in each of the
individual solvents, this is not surprising.
9.3 Analysis Details
Anthracene concentrations in the samples were measured using a Varian 450 GC
with a 220 MS. The heating program was set to increase the temperature from 100 oC to
250oC at 8 oC /min. An Agilent HP-5MS capillary column was used for separation with a
helium carrier gas flow rate of 1.0 ml/min. Standards were purchased from Restek.
9.4 Calculation of Fixed Density Variables
There are 3 components (ethanol, tetradecane and anthracene) and 3 phases (solid
anthracene, liquid ethanol-rich layer and liquid tetradecane-rich layer) in the vessel. The
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ethanol, tetradecane and anthracene are all expected to be chemically inert with respect to
each other; therefore, there should be zero reactions and zero constraint equations.
Therefore, the phase rule calculation for this vessel is F = 3 – 3 – 0 – 0 + 2 = 2. One
should note that at the critical point, the two coexisting liquid phases merge into a single
phase, so technically there is just one liquid phase and one solid phase in equilibrium. In
this case the phase rule predicts, F = 3 – 0 – 2– 0 + 2 = 3, which is consistent with what
would be calculated had the critical point been approached from the single phase side of
the coexistence curve. In either case, F = 2 or F = 3, we should expect the solubility in the
critical region to depart from the linear background that prevails outside the critical
region.
9.5 Results
The anthracene concentration vs. temperature data collected in each of the two
phases are shown in Tables 9.1 and 9.2 respectively. Natural logarithm (ln) of the
anthracene concentration vs. 1000/temperature (K) plots for these two sets of data are
shown in Figures 9.1 and 9.2, respectively. The vertical dashed lines represent the critical
temperature and a temperature 1oC away from critical. The standard divisor
concentration for the data set to make the ln value unit-less was 1.0 ppm.
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Table 9.1

Anthracene Concentration and Temperature Data in the Tetradecane-Rich
Layer

Temp. oC

Temp. K

1000/K

Avg. Anthracene
Conc. (ppm)

Std. Dev.

LN
Anthracene

28.13

301.3

3.319

2690

14.4

7.897

28.76

301.9

3.312

2677

12.6

7.892

29.49

302.6

3.304

2799

9.1

7.937

30.18

303.3

3.297

2805

19.8

7.939

30.95

304.1

3.288

2932

45.3

7.983

31.77

304.9

3.280

3087

48.9

8.035

32.52

305.7

3.272

3129

31.6

8.048

33.11

306.3

3.265

3297

32.6

8.101

33.99

307.1

3.256

3296

18.8

8.101

34.08

307.2

3.255

3294

32.4

8.100

34.20

307.4

3.254

3384

36.2

8.127

34.29

307.4

3.253

3544

48.2

8.173

34.41

307.6

3.251

3544

38.9

8.173

34.54

307.7

3.250

3739

22.3

8.227

34.62

307.8

3.249

3646

39.7

8.201

34.73

307.9

3.248

3677

15.4

8.225

34.83

308.0

3.247

3728

42.4

8.224

34.93

308.1

3.246

3795

16.3

8.241

35.03

308.2

3.245

3922

38.3

8.274
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Table 9.2 Anthracene Concentration and Temperature Data in the Ethanol-Rich Layer

Temp. oC

Temp. K

1000/K

Avg. Anthracene
Conc. (ppm)

Std. Dev.

LN
Anthracene

28.13

301.3

3.319

2257

12.8

7.722

28.76

301.9

3.312

2302

56.8

7.741

29.49

302.6

3.304

2400

56.7

7.783

30.18

303.3

3.297

2543

16.9

7.841

30.95

304.1

3.288

2617

46.6

7.870

31.77

304.9

3.280

2716

18.6

7.907

32.52

305.7

3.272

2739

14.5

7.916

33.11

306.3

3.265

2772

43.2

7.927

33.99

307.1

3.256

2725

5.7

7.910

34.08

307.2

3.255

2897

22.9

7.972

34.20

307.4

3.254

2925

15.4

7.981

34.29

307.4

3.253

2912

61.2

7.977

34.41

307.6

3.251

2923

18.3

7.980

34.54

307.7

3.250

3094

33.7

8.037

34.62

307.8

3.249

3252

11.1

8.087

34.73

307.9

3.248

3152

48.4

8.056

34.83

308.0

3.247

3358

61.4

8.119

34.93

308.1

3.246

3520

28.1

8.166

35.03

308.2

3.245

3563

67.8

8.178
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Figure 9.1

Ln Anthracene Solubility vs. 1000/Temperature (K-1) in the TetradecaneRich Layer
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Figure 9.2

Ln Anthracene Solubility vs. 1000/Temperature (K-1) in the Ethanol-Rich
Layer
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CHAPTER 10. SOLUBILITY OF TITANIUM IN ISOBUTYRIC ACID AND WATER

The purpose of this experiment was to examine the solubility divergence effects
in a reactive solvent system with a poorly soluble solute expected to exist in the solvent
environment as multiply charged forms of metal hydroxide. The rest of this chapter
provides specific details for the experiment, the effect of the solute on shifting the critical
solution temperature, a description of how the solute concentrations were measured, a
calculation of the number of fixed density variables and the results.
10.1 Experimental Summary
For this experiment, a cylindrical glass vessel with a ground glass stopper was
filled with 150 grams of isobutyric acid and water prepared at the critical composition,
38.8 mass % isobutyric acid. Titanium dioxide in the amount of 0.14 grams was added to
the vessel. The critical temperature was determined by visual observations of
opalescence. Sample collection began at a temperature approximately 0.1oC above
critical. The several replicate aliquots collected from the one phase region at each
temperature step consisted of two milliliters of liquid. Due to the poor solubility of
titanium dioxide in relatively weak organic acids, such as isobuytric acid, the sample
aliquots were diluted with 4 milliliters of sulfuric acid and an additional 4 milliliters of
water for a total volume of 10 milliliters at the time of collection. Sample aliquots were
collected in triplicate.
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In addition to being poorly soluble in water, titanium dioxide has been shown to
form colloidal suspensions in solution as well as interacting with organic acids thorough
an adsorption mechanism (Chadwick et al., 2002; Tsai et. al, 2016; Pettibone et. al,
2008). For this reason, it was necessary to filter the sample aliquots as they were
collected. This was done using a 5 ml glass syringe with a luer lock fitting suitable for
attaching a 0.22 μm syringe filter purchased from Millipore.
10.2 Effect of Solutes on Critical Solution Temperature
The CST of just the IBA and water mixture was observed at approximately
26.1 oC. Addition of the solute very modestly increased the CST to around 26.2 oC. The
small temperature increase upon addition of titanium dioxide is not surprising given the
poor solubility of the solute in the solvent mixture.
10.3 Analysis Details
The aliquots extracted from the liquid mixture were analyzed using a
ThermoScientific 6500 ICP-OES. Titanium 334.9 nm was used for the quantitation
wavelength and the instrument was calibrated for concentrations covering the range
0.001 ppm to 0.010 ppm. The expected detection limit for the method was 0.0001 ppm,
as calculated by the instrument software. The sample introduction system for the ICP is
designed for aqueous solvents. The volatility of the IBA solvent makes it necessary to
dilute the original sample aliquots so that the ICP-OES torch does not go out. However,
the poor solubility of titanium necessitated this dilution being as small as possible to keep
the concentration in a detectable range. The 2 ml sample aliquot diluted to 8 ml with 50%
sulfuric acid (mentioned previously) was found to be acceptable. However, the isobutyric
acid portion was still large enough to cause some difficulties. Therefore, the RF power

75

for the instrument was increased from 1150 W to 1350 W in order to stabilize the ICP
torch.
10.4 Calculation of Fixed Density Variables
The full application of the phase rule is provided in the appendix. An abbreviated
version is provided here for completeness. In the titanium dioxide vessel there are 8
components (HA, H2O, H3O+, A–, Ti(OH)2 2+ , Ti(OH)3+ , Ti(OH)4 , TiO2 (s)) and 2 phases
(liquid and solid titanium dioxide). There should be 4 reactions and 1 constraint equation.
Therefore, the phase rule calculation for this vessel is F = 8 – 4 – 2 – 1 + 2 = 3. We thus
should expect a deviation in solubility from normal linear background behavior near the
critical temperature.
10.5 Results
The titanium concentration and temperature data are shown in Table 10.1. The
natural logarithm (ln) of the titanium concentration vs. 1000/temperature (K) for the data
presented in Table 10.1 is plotted in Figure 10.1. The vertical dashed lines represent the
critical temperature and a temperature 1oC away from critical. The standard divisor
concentration to make the natural logarithm value unit-less was 0.01 ppm.
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Table 10.1 Titanium Concentration and Temperature Data

Temp. K

1000/K

Avg. Titanium Conc.
(ppm)

26.34

299.5

3.339

0.019

0.000

0.64

26.43

299.6

3.338

0.019

0.001

0.64

26.52

299.7

3.337

0.020

0.001

0.69

26.64

299.8

3.336

0.020

0.000

0.69

26.71

299.9

3.335

0.021

0.002

0.74

26.84

300.0

3.333

0.023

0.000

0.83

26.93

300.1

3.332

0.023

0.001

0.83

27.10

300.2

3.331

0.023

0.001

0.83

27.38

300.5

3.327

0.024

0.000

0.88

27.75

300.9

3.323

0.024

0.002

0.88

28.00

301.1

3.321

0.024

0.001

0.88

28.35

301.5

3.317

0.024

0.001

0.88

28.68

301.8

3.313

0.025

0.001

0.92

Temp.

oC

77

Std. Dev.

LN
Titanium

Figure 10.1 Ln Titanium Solubility vs. 1000/Temperature (K-1) in the IBA and Water
Vessel
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CHAPTER 11. THE SOLUBILITY OF ZINC R- TARTRATE IN ISOBUYTRIC ACID
AND WATER

The purpose of this experiment was to examine the solubility divergence effects
in two very similar vessels that differed only in the addition of an extra component to
make the second vessel a two density variable held fixed system. These systems included
a complex reaction chemistry suitable for a robust test of the theory based upon the
universality principle combined with the phase rule. The rest of this chapter provides
specific details for the experiment, the effect of the solute on shifting the critical solution
temperature, a description of how the solute concentrations were measured, a calculation
of the number of fixed density variables and the results. For clarity, the zinc tartrate in
IBA + water system is discussed first and the zinc tartrate and sodium acetate in IBA +
water system is discussed second.
11.1 Experimental Summary for the Zinc Tartrate in IBA and Water System
For this experiment, a cylindrical vessel with a ground glass stopper and a volume
of approximately 250 ml, was filled with 200 grams of isobutyric acid and water prepared
at the critical composition, 38.8 mass % isobutyric acid. One gram of laboratory
synthesized zinc tartrate was added to the vessel. Zinc tartrate was prepared in the
laboratory by adding appropriate amounts of sodium tartrate and zinc acetate to a beaker
with water. Sodium tartrate and zinc acetate are both water soluble and will react to form
zinc tartrate that will precipitate out of solution if left overnight at room temperature. The
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solid was filtered off and rinsed thoroughly with water to remove any sodium or acetate
and dried in an oven at 40oC. The critical temperature was determined by visual
observations of opalescence. Sample collection began at a temperature approximately
0.1oC above critical. Three milliliters of liquid in the one phase region was collected at
each temperature step.
11.2 Effect of Solutes on Critical Solution Temperature for the Zinc Tartrate in IBA
and Water System
Addition of the 1 gram zinc tartrate solute slightly increased the CST from
approximately 26.4 oC to 26.8 oC a very modest increase. This small shift in the critical
temperature is indicative of the solute only very slightly decreasing the mutual solubility
of the two liquids.
11.3 Analysis Details for the Zinc Tartrate in IBA and Water System
The samples were analyzed using a ThermoScientific 6500 ICP-OES. Samples
were warmed in an oven (between 35 to 40 oC) to ensure the samples were in 1 phase,
then 50 μl aliquots of sample were diluted to 10 ml total volume with 10% nitric acid.
Glass 100 μl syringes were used to abstract the samples because isobutyric acid has a
tendency to adhere to the sides of disposable plastic pipette tips. Quantitation was based
on the zinc 213 nm wavelength. Standards for calibration were purchased from Inorganic
Ventures.
11.4 Calculation of Fixed Density Variables for the Zinc Tartrate in IBA and Water
System
The full application of the phase rule is provided in the appendix. An abbreviated
version is provided here for completeness.
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This vessel contained zinc tartrate, isobutyric acid and water at the critical
composition. There were 9 components, including HA, H2O, H3O+, A-, Zn2+, Tart2-,
HTart-, H2Tart, ZnTart (s), and 2 phases. There should be 4 reactions and 2 constraint
equations. Therefore, the phase rule calculation for this vessel is F = 9 – 4 – 2 – 2 + 2 = 3.
We would expect a deviation in solubility from normal linear behavior near the critical
temperature.
11.5 Results for the Zinc Tartrate in IBA and Water System
Zinc concentration and temperature data for the zinc tartrate in IBA and water
vessel is shown in Table 11.1. The natural logarithm (ln) of the zinc concentration vs.
1000/Temperature is plotted in Figure 11.1. The vertical dashed lines represent the
critical temperature and a temperature 1oC away from critical. One ppm was used as the
standard divisor concentration to make the ln value unit-less.
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Table 11.1 Zinc Concentrations and Temperature Data for the Zinc Tartrate in IBA and
Water Vessel

Temp. oC

Temp. K

1000/K

Avg. Zinc Conc.
(ppm)

Std. Dev.

LN Zinc

26.90

300.0

3.333

295.0

0.50

5.687

26.97

300.1

3.332

294.2

0.42

5.684

27.10

300.2

3.331

294.2

0.20

5.684

27.23

300.4

3.329

290.8

0.30

5.673

27.34

300.5

3.328

290.2

1.10

5.671

27.39

300.5

3.327

289.4

1.84

5.668

27.51

300.7

3.326

289.2

0.57

5.667

27.61

300.8

3.325

286.8

0.30

5.659

27.76

300.9

3.323

286.6

1.84

5.658

28.12

301.3

3.319

285.2

0.57

5.653

28.48

301.6

3.315

283.6

0.28

5.648

28.92

302.1

3.311

283.0

2.40

5.645

29.33

302.5

3.306

282.6

1.15

5.644

29.80

303.0

3.301

281.8

1.27

5.641

30.22

303.4

3.296

280.0

0.57

5.635

30.63

303.8

3.292

279.4

0.71

5.633

31.05

304.2

3.287

278.0

1.56

5.628

31.49

304.6

3.283

278.2

1.27

5.628
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Figure 11.1 Ln Zinc Solubility vs. 1000/Temperature (K-1) for the Zinc Tartrate in IBA
and Water Vessel
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11.6 Experimental Summary for the Zinc Tartrate and Sodium Acetate in IBA and
Water System
For this experiment, a cylindrical vessel with a ground glass stopper and a volume
of approximately 250 ml, was filled with 200 grams of isobutyric acid and water prepared
at the critical composition, 38.8 mass % isobutyric acid. One gram of laboratory
synthesized zinc tartrate and sodium acetate, 0.1 grams, was added to the vessel. The
preparation procedure for the zinc tartrate was discussed in section 11.1. The critical
temperature was determined by visual observations of opalescence. Sample collection
began at a temperature approximately 0.1oC above critical. Three milliliters of liquid in
the one phase region was collected at each temperature step.
11.7 Effect of Solutes on Critical Solution Temperature for the Zinc Tartrate and
Sodium Acetate in IBA and Water System
Addition of the zinc tartrate solute increased the CST, but the subsequent addition
of the sodium acetate decreased the CST to 25.5 oC. Sodium acetate is very soluble in
water, 50.4 grams of anhydrous sodium acetate/100 grams of water at 25 oC. The process
is exothermic with an enthalpy of solution equal to -17.32 kJ/mol (Lide, 2005). Zinc
tartrate, in contrast, is poorly soluble in water; only 0.022 grams of zinc tartrate will
dissolve in 100 grams of water at 20 oC (Speight & Lange, 2005).
11.8 Analysis Details for the Zinc Tartrate and Sodium Acetate in IBA and Water
System
The sample analysis procedure was described in section 11.3.

84

11.9 Calculation of Fixed Density Variables for the Zinc Tartrate and Sodium
Acetate in IBA and Water System
The full application of the phase rule is provided in the appendix. An abbreviated
version is provided here for completeness.
This vessel contained zinc tartrate, sodium acetate, isobutyric acid and water.
There are 12 components in this vessel, including HA, H2O, H3O+, A–, Zn2+, Tart2-,
HTart –, H2Tart, ZnTart (s), Na+, Ace –, HAce and 2 phases. There should be 5 reactions
and 3 constraint equations. If we apply the phase rule to this vessel, we get F = 12 – 5 – 2
– 3 + 2 = 4. We would NOT expect a deviation in solubility from normal linear behavior
near the critical temperature.
11.10 Results for the Zinc Tartrate and Sodium Acetate in IBA and Water System
Zinc concentration and temperature data for the Zinc Tartrate and Sodium Acetate
in IBA and water vessel is shown in Table 11.2. The natural logarithm (ln) of the zinc
concentration vs. 1000/Temperature is plotted in Figure 11.2. One ppm was used as the
standard divisor concentration to make the ln value unit-less. The equations of the lines
best fitting the data points both inside and outside the critical region are shown in the
figure.
The slope of the line fitting the 7 points inside the critical region is 1.7104 +/0.5822. The slope of the line fitting the 12 points outside the critical region is 1.2238 +/0.0634. There is sufficient error in the points inside the critical region to encompass the
slope value from outside the critical region. The slope error can be calculated using
features available in excel (=LINEST) or using equations given by Matthews (1985).
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Table 11.2

Zinc Concentrations and Temperature Data for the Zinc Tartrate and
Sodium Acetate in IBA and Water Vessel

Temp. oC

Temp. K

1000/K

Avg. Zinc Conc.
(ppm)

Std. Dev.

LN Zinc

25.70

298.8

3.346

253.9

0.95

5.537

25.83

299.0

3.345

256.3

1.80

5.546

25.92

299.1

3.344

253.9

1.50

5.537

26.06

299.2

3.342

253.6

0.60

5.536

26.18

299.3

3.341

253.6

2.62

5.536

26.29

299.4

3.340

252.8

0.87

5.533

26.44

299.6

3.338

250.9

1.51

5.525

26.78

299.9

3.334

251.7

3.01

5.528

27.00

300.2

3.332

249.9

1.55

5.521

27.19

300.3

3.330

248.4

0.40

5.515

27.56

300.7
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Figure 11.2 Ln Zn Solubility vs. 1000/Temperature (K-1) for the Zinc Tartrate and
Sodium Acetate in IBA and Water Vessel
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CHAPTER 12. DISCUSSION AND CONCLUSIONS

The two primary hypotheses for this work were 1) that the increase or decrease in
van’t Hoff slope observed near the critical temperature was physical in nature and
independent of the chemistry of the system and 2) that systems with one density variable
held fixed would exhibit a solubility divergence while systems with more than one fixed
density variable would not.
The proceeding chapters provided solute concentration information for systems
with very diverse chemistries, thus allowing a rigorous test of the first hypothesis and
included calculations for the numbers of fixed density variables, as would be needed to
support the second hypothesis. Since all of the systems studied exhibited a solubility
divergence, except for the system with more than one fixed density variable, the results
support our hypotheses. The rest of this chapter provides 1) detailed interpretations and
comparisons of the data, 2) implications of the findings, 3) limitations of the study and 4)
recommendations for future experiments.
12.1 Interpretations of the Data
In the previous chapters, we have presented the concentrations of the solutes at
each temperature step and the van’t Hoff plot of the concentration data consistent with
the calculations specified in chapter four for each of the experiments. The effects of the
solute on shifting the critical solution temperature for the solvent mixtures and the phase
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rule analysis were also briefly discussed. We will begin this section by looking at the
results of each of the tests individually. We then consider the experiments collectively
and look for similarities. The methodology chapter described the chemical diversity of
the systems. Prevailing similarities in the data, despite the chemical dissimilarity, would
support our first hypothesis. Likewise, for the second hypothesis, we examine all the
experiments for adherence to the phase rule and the presence or absence of a divergence.
For the system where the divergence was absent, we focus on the aspects of the system
that could have contributed to the absence of the divergence. Furthermore, we try to
determine if any aspect of the data could be explained by the special chemical
considerations of each solute, i.e., acid/base, charge distribution affected by solvent
polarity, inert nature of the solute, very poor solute solubility and/or specific reaction
chemistry. Finally, some recommendations for future testing are included that expand on
the concepts addressed in each section.
Anthracene Solubility in the Two-Phase Region
When examining the results from the anthracene study, first we take note that the
addition of the solute did not greatly shift the critical solution temperature of the ethanoltetradecane mixture, despite the fact that anthracene was soluble (around 2200-2600 µg
anthracene/ ml of solvent even at the lower temperature). This is consistent with the
claim that the solute was non-reactive in the mixture and did not greatly increase or
decrease the mutual solubility of the solvents with each other. This claim is also
supported by the absence of peaks other than the anthracene peak in the GCMS analysis
data. If any reaction had occurred in the vessel, it is very likely additional peaks would
have been observed in the chromatogram. It is also interesting to note here that the
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measured solubility of anthracene in the mixture is less than the published solubility of
anthracene in the solvents separately (Seidell, 1928). The concentration of anthracene in
the mixture at approximately 35oC is closer to the concentration of anthracene in ethanol
at 25oC.
As shown in Figures 9.1 and 9.2, in both the tetradecane-rich layer and the
ethanol-rich layer, the solubility of anthracene increased with increasing temperature and
exhibited a positive divergence within about 1oC of the critical temperature. The positive
divergence approaching the critical temperature from the two-phase side is consistent
with an endothermic reaction and consistent with previously reported literature results
(Jouyban et al., 2010). The magnitude of the slopes were around 3.3-3.5 outside the
critical region, whereas near the critical temperature they were around 4-6 times greater.
As the temperature approaches the critical temperature where the two phases merge, we
would expect the concentrations in the samples taken from both layers to approach each
other gradually. Phase rule calculations for this F = 3 system are consistent with the
observed divergence.
The fact that a divergence was observed for this system despite the absence of any
chemical reactivity with the solvent components is very compelling evidence to support
the claim that these divergences stem from physical, rather than chemical, causes. If these
divergences had depended on the existence of a chemical reaction, no divergence would
have been observed in this system.
Future testing using the ideas developed with this system could include the
following suggestions. Firstly, introduce multiple forms of polycyclic aromatic
hydrocarbons into one vessel for further validation of the phase rule. Preparing a mixture
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of ethanol, tetradecane, anthracene in excess and perhaps a soluble amount of
phenanthrene (composed of three benzene rings connected together but differing from
anthracene in placement of the rings) would generate a system with more than one fixed
density variable. Such a system would be very similar in chemistry to the experiment
described here and thus, if a divergence was absent, would constitute very compelling
proof of the universality principle. If the divergence was still present, it would indicate
that whatever is physically happening in the system to cause the solubility divergences
was unable to distinguish between 3 benzene rings in a linear chain vs. 3 benzene rings
with one connected at an angle. Secondly, conduct additional testing in the two-phase
region. This experiment yielded the result that was predicted based on theory, but it is
still just one test of solubility in the two-phase region and by itself is not enough.
Demonstrating that the solubility divergence is consistently observed regardless of the
side from which the critical temperature is approached would further establish the
relationship between heat capacity and solubility, when described in terms of
thermodynamic variables. The challenge for these types of tests would be selecting
suitable solutes and solvents. Selection of a solute that was preferentially soluble in one
of the solvents in the binary mixture would be problematic because the plot of solubility
of the solute in the less favorable solvent would be obscured by the contribution from the
more favorable solvent. Finally, it would be interesting to examine the differences in the
slopes based upon the physical size of the polycyclic aromatic hydrocarbons. There are
many polycyclic aromatic hydrocarbons that differ only in the number and placement of
benzene rings, some of which are relatively large. If the current theory of critical
behavior in binary liquid mixtures attributes the anomalous behavior at the critical region
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to changing dimensions of the solvent fluctuations, then the relative size of the solutes
might produce some interesting results.
Titanium Dioxide Solubility in the One-Phase Region
When examining the results from the titanium dioxide study, first we take note
that the addition of the solute did not greatly shift the critical solution temperature of the
IBA-water mixture. This is consistent with the claim that the solute was very poorly
soluble in the mixture and did not greatly increase or decrease the mutual solubility of the
solvent components within each other. The solubility of titanium was very poor (around
0.025 µg titanium/ ml of solvent even at the higher temperature).
As shown in Figure 10.1, the solubility of titanium increased with increasing
temperature and exhibited a negative divergence within about 1oC of the critical
temperature. The negative divergence approaching the critical temperature is consistent
with an endothermic reaction and possibly indicative of a large energy requirement for
breaking the titanium dioxide out of its crystalline structure. The magnitude of the slope
was around 3.4 outside the critical region, whereas near the critical temperature it was
around 9 times greater. Phase rule calculations for this F = 3 system are consistent with
the observed divergence.
Similar to previous studies using metal oxide solutes, a divergence was observed
in this system as expected. Neither the much poorer solubility of the titanium dioxide
solute nor the presence of the titanium cation in the form of a titanium hydroxide
complex, rather than a free cation, seemed to have any effect on the occurrence of a
divergence. If the chemistry of the system were the cause of the divergences observed in
previous metal oxide studies, one might have anticipated that the change in the available
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form of the cation might have had some effect. Furthermore, if the divergence was
depended upon the stability of the solute and the difficulty in dissolving (titanium dioxide
usually requires very aggressive dissolution procedures) we might not have expected the
divergence in this system.
Future testing using the ideas developed with this system could include the
following suggestion. The titanium dioxide used in this study was in the anatase form.
There are two other naturally occurring forms of titanium dioxide with different crystal
structures, brookite and rutile (Anthony et al., 1997). Designing a system utilizing
different crystal forms of the same compound would be an interesting test of the
influence of the crystal structure on the divergence and/or further verification of the
universality principle. Based on the hypotheses for this work, we would expect to see a
divergence regardless of which crystal structure was selected.
Rhodanine Solubility in the One-Phase Region
When examining the results from the Rhodanine study, first we take note that the
addition of the solute slightly lowered the critical solution temperature of the acetonitriledecanol mixture. This indicates that the solute slightly increased the mutual solubility of
the solvents within each other. The rhodanine was slightly soluble, around 700 µg
rhodanine/ ml of solvent at the lower temperature. When rhodanine is dissolved in
decanol, the solution appears yellow-orange in color. When rhodanine is dissolved in
acetonitrile, the solution appears orange in color. This is consistent with the claim that the
solute was solvatochromatic and that the charge distribution within the molecule was
affected by the differing polarity of the solvents.
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As shown in Figure 8.1, the solubility of rhodanine increased with increasing
temperature and exhibited a negative divergence within about 1oC of the critical
temperature. The negative divergence approaching the critical temperature is consistent
with an endothermic reaction. The magnitude of the slope was around 1.5 outside the
critical region, whereas near the critical temperature it was a little more than 5 times
greater. Phase rule calculations for this F = 3 system are consistent with the observed
divergence.
Consistent with our hypotheses for this work, there was seemingly no effect
attributable to the difference in polarity between acetonitrile and decanol; a divergence
effect was observed similar to the other organic solutes studied in this work. It is
possible that taking the samples in the one-phase region might have diminished the effect
of the different solvent polarities. Regardless, it would have been difficult to take
samples from the two-phase region for this solute because a more favorable solubility in
acetonitrile would confuse the readings from the decanol-rich phase.
Future testing using the ideas developed with this system could include the
following suggestion. Originally, the purpose behind using a solvatochromatic solute
was to determine if there was a dramatic shift in the absorption wavelength near the
phase transition temperature. This proved to be problematic with the existing
experimental set-up due to the very small differences in the absorption maximum for this
solute. Other solvatochromic solutes with more pronounced differences in solvents with
different polarities could be used in an experimental set up modified to collect the
absorption readings in-situ. Unfortunately, I do not have access to the type of equipment
that would be necessary to attempt such a test.
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Methyl Orange Solubility in the One-Phase Region
When examining the results from the methyl orange study, first we take note that
the addition of the solute slightly lowered the critical solution temperature of the IBAwater mixture. This indicates that the solute slightly increased the mutual solubility of the
solvents within each other. The methyl orange was slightly soluble, around 350 µg
methyl orange/ ml of IBA + water solvent at the lower temperature. By contrast, methyl
orange was around one order of magnitude less soluble, around 29 µg methyl orange/ ml,
in the ethanol + tetradecane solvent at the lower temperature. The IBA + water vessel
appeared red in color and the ethanol + tetradecane vessel appeared orange-yellow in
color, which is consistent with the claim that the solute was protonated in the IBA-water
mixture and non-protonated in the ethanol-tetradecane mixture.
As shown in Figures 7.1 and 7.2, the solubility of methyl orange in IBA + water
increased with increasing temperature and the solubility of methyl orange in ethanoltetradecane decreased with increasing temperature. Regardless, both solutions exhibited a
divergence within about 1oC of the critical temperature. The negative divergence
approaching the critical temperature is consistent with an endothermic reaction. The
positive divergence approaching the critical temperature is consistent with an exothermic
reaction. The dissolution of methyl orange in ethanol and tetradecane being exothermic
was unexpected. Subsequent examination of the literature to explain this result
conclusively were unsuccessful, however, there are examples in the literature of methyl
orange forming exothermic complexes in non-polar solvents (Nandini & Vishalakshi,
2012). In the IBA + water mixture, the magnitude of the slope was around 3.9 outside the
critical region, whereas near the critical temperature it was around 4 times greater. In the
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ethanol + tetradecane mixture, the magnitude of the slope was around 3.9 outside the
critical region, whereas near the critical temperature it was around 9.5 times greater.
Since a divergence was observed for both systems, the differences in the data expressed
here do not refute the hypothesis. Phase rule calculations for both systems give F = 3
which is consistent with the observed divergences.
Consistent with our stated hypothesis, methyl orange in both the protonated form
in the IBA + water and in the unprotonated form in the ethanol + tetradecane exhibited a
divergence effect. The chemical differences in the systems didn’t make a difference in the
presence of a divergence.
Future testing using the ideas developed with this system could include designing
additional experiments with different acid-base indicators in different solvent
environments, for example, a binary liquid mixture of triethylamine and water would be a
basic solvent mixture.
Zinc Tartrate Solubility in the One-Phase Region
When examining the results from the zinc tartrate study, first we take note that the
addition of the solute slightly increased the critical solution temperature of the zinc
tartrate in IBA + water mixture. This indicates that the solute slightly decreased the
mutual solubility of the solvents within each other. The zinc tartrate was slightly soluble,
around 295 µg zinc/ml of IBA + water solvent at the highest point.
As shown in Figure 11.1, the solution exhibited a positive divergence within
about 1oC of the critical temperature. The positive divergence approaching the critical
temperature is consistent with an exothermic reaction. In the zinc tartrate-IBA-water
mixture, the magnitude of the slope was around 0.73 outside the critical region, whereas
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near the critical temperature it was around 4-5 times greater. The small magnitude of the
slope far away from critical is indicative of the solubility not being very dependent on
temperature.
In the dissolution of the zinc tartrate in IBA + water spiked with sodium acetate,
the addition of the sodium acetate caused the critical solution temperature to decrease,
indicating improved miscibility between the IBA and water. The zinc tartrate in this
second vessel was less soluble, around 250 µg zinc/ ml of IBA + water solvent at the
highest point. As shown in Figure 11.2, the magnitude of the slope was around 1.2
outside the critical region, which is only slightly more than the vessel with no sodium
acetate. The divergence was missing from this second vessel, consistent with an F =4
system.
The sodium acetate in the second vessel was added specifically to test the validity
of the phase rule. By introducing an extra, very soluble component, the conditions of the
system were changed in a way that counteracted the solubility divergence effect in the
second vessel. Introducing the sodium acetate to the vessel did several things. Firstly,
even adding a very small amount (only 100 mg) of the sodium acetate compound
decreased the critical solution temperature for the system by about 1oC. Therefore,
introducing this compound improved the mutual solubility of the solvents. Secondly, the
addition of the sodium acetate modestly decreased the solubility of the zinc tartrate.
Thirdly, the addition of the sodium acetate modestly increased the slope of the line
outside the critical region (i.e., increased the solubility temperature dependence) and
decreased the slope inside the critical region.
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Obviously, future testing should go beyond just verifying that F = 4 systems do
not diverge, but instead try to narrow down the possibilities for specifically what about
the additional fixed variable in the system counteracts the conditions that usually result in
a divergence. One reasonable approach would be to incrementally lessen the amount of
the spiked component added to the vessel in a series of similar experiments and evaluate
the results. Another approach would be to design additional experiments with different
overall effects. For example, perhaps a soluble, unreactive component could be added
that wouldn’t greatly affect the mutual solubility of the solvents but would affect the
solute solubility. That would imply that the improvement in the mutual solubility
observed in the zinc tartrate vessel spiked with sodium acetate was not related to the
absence of the divergence.
12.2 Comparisons between the Experimental Systems
One of the most noticeable similarities among the sets of data is the location of
the divergence. For all the sets of data where a divergence occurred, the location of the
divergence was within 1oC of the critical temperature. Considering the great dissimilarity
among solute and solvents, if the divergence was related to chemistry, we would expect
some deviation in where the divergence started.
Another striking feature is the comparison between the slope outside the critical
region and the slope near the critical temperature. The slope outside the critical region is
a function of the dependence of solubility on temperature, which should be dependent on
the chemistry of the system. The zinc system, for example, the temperature does not
greatly influence the solubility and the magnitude of the slope was about 0.7. For the
methyl orange indicator in IBA and water system, the solubility outside the critical region
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is much more dependent on temperature with a slope of almost 4. Regardless of the slope
outside the critical region, for each of the systems studied, the magnitude inside the
region was around 3-9 times greater. Again, for such chemically dissimilar systems, we
would expect a greater variation in results.
We have already calculated the slope in the background region of the van’t Hoff
plot (i.e., outside the critical region) in the case of each of our experiments. Moreover,
we know that in the case of a van’t Hoff plot, ∆H = - R x slope. Therefore, we can
estimate the dissolution enthalpy for each of the experiments covered in the proceeding
sections. We can also make use of Eq. 4.8, introduced in chapter 4, to evaluate
Rearranging Eq. 4.8 and evaluating it at the critical temperature gives
1
  ln  


Tc H
 G 

  ln  
  (1 / T ) 



(12.1)

The tabulated results for each of the experiments are shown in Table 12.1.
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Table 12.1 Dissolution Enthalpy and the Partial Derivative of the Solubility with
Respect to the Change in the Gibbs Energy
Slope
(Ln(s/so))/
(1000/K)

TCritical
(K)

ΔH
(kJ/mol)

∂ ln ξ
∂ ΔG
(mol/kJ)

Solute

Solvents

Methyl Orange

IBA & Water

-3.971

299.1

33.01

4.02E-04

Methyl Orange

Ethanol & Tetradecane

3.922

308.5

-32.61

3.90E-04

Rhodanine Dye

Acetonitrile & Decanol

-1.575

296.7

13.10

4.05E-04

Anthracene

Tetradecane-Rich

-3.591

308.2

29.85

3.90E-04

Anthracene

Ethanol-Rich

-3.437

308.2

28.58

3.90E-04

Titanium Dioxide

IBA & Water

-3.422

299.4

28.45

4.02E-04

Zinc Tartrate

IBA & Water

0.734

300.0

-6.11

4.01E-04

Zinc Tartrate

IBA & Water +
Sodium Acetate

1.224

298.7

-10.18

4.03E-04

Unfortunately, attempts to find comparable dissolution enthalpy data in the
literature were not successful for every analyte. However, work by Ogawa et al., lists the
solution enthalpy for naphthalene (two-ring polycyclic aromatic hydrocarbon) in hexane
(6 carbon alkane) at approximately 21 kJ/mol (1997). These conditions could be
considered somewhat similar to anthracene in the tetradecane (14 carbon alkane) solvent
mixture at 29.85 kJ/mol.
The solubility of the solutes used in this work ranged from thousands of parts per
million to the low parts per billion, yet the values calculated for ( ln  / G) in Table
12.1 are remarkably similar. This provides additional support for assuming a physical
origin of the critical effect in the van’t Hoff slope. Moreover, consistent with the
equilibrium stability requirement, the sign ( ln  / G) is in every case positive.
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The anthracene, rhodanine and methyl orange solutes dissolved in ethanol and
tetradecane were all organic compounds in organic solvents. However, the methyl orange
was also dissolved in the aqueous mixture with isobutyric acid. The chemical
similarity/dissimilarity of the solute with the solvents didn’t seem to make a difference in
the observed trend either.
Although the systems had different solutes and solvents, the solutes did have a
similar (i.e., very limited) effect on shifting the critical solution temperature of the
solvents mixtures. In most cases, the densities of the solvents in the binary mixtures were
very similar. Perhaps additional testing using a solvent pair, such as nitrobenzene and
dodecane that had a much greater density difference could be done to see if there was any
influence on the solubility divergence effect.
12.3 Implications of the Findings
At the very foundation of the subject of critical behavior and the universality
concept is the idea that the behavior is independent of the details of the system. Part of
the excitement behind universality is idea that the discoveries made with one system
might be transferable to another system. In order to group solubility under the
universality umbrella, we must be able to demonstrate that the irregular solubility
behavior near the critical temperature is independent of the details of the system. This
work is an important step in demonstrating that concept. Based upon the results of this
work, one could certainly expect the divergent solubility behavior to be observed with
any solute (even perhaps gaseous solutes) in any solvent mixture, provided only one
density variable is held fixed.
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This is the first solubility experiment where samples were collected from the twophase region. Previous solubility studies conducted by our group have only taken samples
from the one-phase region where the solvents were miscible. For this work, removing
aliquots from each phase while in the two-phase region makes it analogous to previous
studies of physical properties of pure components where the critical point was
approached along either side of the phase diagram. Like the physical property
measurements, our chemical solubility measurements exhibit a critical effect when the
critical point of solution is approached along either side of the phase diagram. In chapter
three, we made the connection between the solubility and heat capacity when expressed
in terms of thermodynamic variables. Many heat capacity studies have also demonstrated
divergences on both sides of the phase transition.
By far, the majority of solutes studied by our group have exhibited negative
(endothermic) divergences. The zinc tartrate solute, however, exhibited an exothermic
dissolution. This could be due to the favorable tendency of tartrates to form hydrates
(interaction with the solvent). This could also be due to the alleviation of the constrained
condition of the tartrate anion when bound to the zinc atom (Figure 6.8) or possibly due
to a favorable reaction to form the tartaric acid from the tartrate anion. The vessel with
the added sodium acetate had a lower zinc concentration in solution. This is possibly due
to the soluble acetate anion shifting the equilibrium towards keeping more tartrate in the
form of a solid and out of solution. Regardless, we already mentioned that experiments
with very high solute concentrations and very low solute concentrations both exhibited
divergences. Therefore, we would expect that the decreased overall solubility would not
have contributed to the absence of the divergence in the second zinc tartrate vessel.
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There was a larger zinc concentration at cooler temperatures where the miscibility
between isobutyric acid and water should have been reduced. The addition of the sodium
acetate did improve the mutual solubility of the isobutyric acid and water. These two
statements taken together could imply that the increased mutual solubility negated some
of the increased solubility near the critical region.
Although it may be more applicable to a wider variety of systems to think of these
experiments generally in terms of the number of variables, something specific must be
occurring inside the vessels with two density variables held fixed (F = 4) to cause these
systems to fail to exhibit a divergence in the van’t Hoff slope. Many more experiments
similar to the zinc tartrate work, conducted with different solutes and solvents should be
conducted and evaluated to try to answer this question.
12.4 Limitations of the Study
Attempts to describe the fluctuations responsible for critical opalescence began at
least as early as the first decades of the 20th century. In 1914, Ornstein and Zernike
recognized that critical opalescence had its origin in spatial fluctuations in the molecular
pair correlation function. In his book, Molecular Theory of Solutions, Ben-Naim
describes this very important function (2006). The simplest way to describe the pair
correlation function would be to imagine two molecules and the probability that each will
occupy adjacent volumes in space. One recognizes that due to the intermolecular forces,
the closer the particles are to each other, the greater the correlation between their
positions. Correspondingly, as the molecules are further away, the more independent are
their positions. It should be noted when speaking of the range of the correlations, we are
considering length scales of the order of multiples of a molecular diameter. Pair
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correlation functions can be determined experimentally through the interpretation of xray or neutron diffraction patterns. They can be determined theoretically by solving
complex integral equations or by running computer simulations that model liquid
behavior.
A detailed examination of the pair correlation function and consideration of liquid
mixtures at a molecular level is not the intended scope of this dissertation. The above
brief description of the status of the theory of liquids, however brief, provides some
background and may help the reader to visualize the structure of a liquid on the molecular
scale.
The current molecular scale understanding of critical behavior in binary liquid
mixtures is that small regions of one phase start to form within the bulk mixture as the
system approaches the critical temperature. These regions keep increasing in size until
there are two separate phases. This process is presumably governed by intermolecular
forces. Although it is not the approach of this dissertation to attempt to examine the
solubility divergences at a microscopic level, it is nonetheless remarkable, that the
predictions of the Ising model, which describes liquids near a critical point, requires only
that that nearest neighbor molecular interactions exist. Interactions between molecules
other than nearest neighbors are irrelevant. As the direction of action and the range of the
intermolecular forces are responsible for the variety phenomenon observed in chemistry,
our experimental observations are in agreement with the assumptions of the Ising model
that in the case of critical phenomena, the details of these intermolecular interactions are
unimportant.

104

12.5 Recommendations for Future Experiments
There are many different possibilities to consider when designing experiments
based on chemistry. One example not included in this work is the arrangement of the
solute in either amorphous or crystalline forms. This would be an excellent choice for 3
reasons. Firstly, one would anticipate that, despite the identical chemical composition,
there would be a difference in the overall solubility of the two allomorphs. Secondly, one
might anticipate a difference in the endothermic/exothermic nature of the dissolution
process. Thirdly, if both the amorphous and crystalline forms of the solid were added in
excess, it should constitute an extra phase. One could design a system that would
normally be an F=4 system and then determine if the addition of this extra phase canceled
out the effects of the extra fixed density variable and the divergence was observed.
Another option for additional study could evaluate the solubility of a metal cation when
complexed with an organic compound. Many organic compounds form metal complexes.
The formation of these complexes could improve the solubility of the metal in solution.
Again, based on our hypothesis in this work, the complexation of the metal cation in
solution should be irrelevant and we would still expect a divergence. Finally, it would
also be interesting to try to find a solute that exhibited exothermic dissolution in one
solvent of a binary mixture and endothermic dissolution in the other solvent of the pair
and try to collect data in both the two-phase and one-phase regions. One would anticipate
both negative and positive divergences in the two-phase region and either a negative or
positive divergence in the one-phase region, depending on which process was dominant.
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APPENDIX A

Phase Rule Calculations for Methyl Orange Indicator in Isobutyric Acid and Water

1. Components: isobutyric acid (HA), water (H2O), hydronium ion (H3O+),
isobutyrate ion (A–), protonated indicator (HIn), unprotonated indicator (In–),
sodium ion (Na+) and methyl orange solid (NaIn (s)) = 8
2. Reactions: There should be three reactions, Rxn. 1, Rxn. 2 and Rxn. 3 below.
HA (aq) + H2O (l)  H3O+(aq) + A– (aq)

Rxn. 1

In– (aq) + Na+(aq) + H3O+(aq)  Na+(aq) + HIn (aq) + H2O (l)

Rxn. 2

NaIn (s) + H2O (l)  Na+(aq) + In–

Rxn. 3

(aq)

+ H2O (l)

3. Elements: The number of elements should be equal to the number of components
minus the number of reactions (E = C – R). There are 5 elements in this system,
hydrogen, oxygen, sodium, isobutyrate ion and indicator ion. For the purposes of
this system, A and In– are considered “pseudo” elements since they are not
chemically altered in the reactions.
4. Phases: solid methyl orange in excess and liquid IBA-water = 2
5. Conservation Equations:
The conservation of mass equations used to calculate the constraint equations are
presented below. Where no represents the moles of the element initially and n
represents the moles of the element at equilibrium.
Conservation of Hydrogen
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noHA + 2noH2O = n HA + 2n H2O + 3n H3O+ + n HIn

(A.1)

Conservation of Oxygen
2no H2O = 2n H2O + 2n H3O+

(A.2)

Conservation of the isobutyrate anion
no HA = n HA + n A–

(A.3)

Conservation of methyl orange indicator
noNaIn = n HIn + n In – + n NaIn

(A.4)

Conservation of Sodium
noNaIn = n Na+ + n NaIn

(A.5)

To determine the conservation equations, start with (A.1) and subtract (A.2) and
(A.3), to get:
0 = n H3O+ + n HIn – n A–

(A.6)

Also, subtract (A.5) from (A.4) to get:
0 = n HIn + n In– – n Na+

(A.7)

Therefore, there are two linearly independent constraint equations. We can
combine the two constraint equations into a new equation expressing the overall
charge neutrality:
0 = n H3O+ + n Na+ – n A– – n In–

(A.8)

However, this procedure does not change the number of constraint equations. If
there are “n” linearly independent equations, the creation of the charge neutrality
equation increases the number of equations but does not increase the number of
linearly independent equations. There are still just “n” constraints that can be
chosen from the “n + 1” equations including charge neutrality.
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The phase rule calculation for the vessel with excess methyl orange in IBA and
water is F = 8 – 3 – 2 – 2 + 2 = 3. We would expect a deviation in solubility from
normal linear behavior near the critical temperature.
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APPENDIX B

Phase Rule Calculations for Titanium Dioxide in Isobutyric Acid and Water

1. Components: isobutyric acid (HA), water (H2O), hydronium ion (H3O+),
isobutyrate ion (A–), titanium (IV) dihydroxide ion (Ti(OH)2 2+), titanium (IV)
trihydroxide ion (Ti(OH)3+), titanium (IV) hydroxide (Ti(OH)4 ) and titanium
dioxide solid (TiO2 (s)) = 8
2. Reactions: There should be four reactions, Rxn. 1, Rxn. 2, Rxn. 3 and Rxn. 4
below:
HA (aq) + H2O (l)  H3O+ (aq) + A– (aq)

Rxn. 1

TiO2 (s) + 2 H3O+ (aq) ⇌ Ti (OH)2 2+(aq) + 2 H2O (l)

Rxn. 2

Ti (OH)2 2+(aq) + 2 H2O (l) ⇌ Ti (OH)3+ (aq) + H3O+(aq)

Rxn. 3

Ti (OH)3+(aq) + 2 H2O (l) ⇌ Ti (OH)4 (aq) + H3O+(aq)

Rxn. 4

3. Elements: The number of elements should be equal to the number of components
minus the number of reactions (E = C – R). There are 4 elements in this system,
hydrogen, oxygen, titanium, and isobutyrate ion. For the purposes of this system,
A– is considered a “pseudo” element since it is not chemically altered in the
reactions.
4. Phases: solid titanium dioxide and liquid IBA-water = 2
5. Conservation Equations:
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The conservation of mass equations used to calculate the constraint equations are
presented below. Where no represents the moles of the element initially and n
represents the moles of the element at equilibrium.
Conservation of Hydrogen
noHA + 2noH2O = n HA + 2nH2O + 3nH3O+ + 2nTi(OH)2 2+ +
3n Ti(OH)3+ + 4n Ti(OH)4

(B.1)

Conservation of Oxygen
2noTiO2 + no H2O = 2n TiO2 + nH2O + nH3O+ + 2n Ti(OH)2 2+ +
3n Ti(OH)3+ + 4n Ti(OH)4

(B.2)

Conservation of the isobutyrate anion
no HA = n HA + n A–

(B.3)

Conservation of Titanium
noTiO2 = n TiO2 + n Ti (OH)2 2+ + n Ti (OH)3+ + n Ti (OH)4

(B.4)

To determine the conservation equations, double (B.2), then subtract (4 x (B.4)),
then subtract (B.1) and then add (B.3) to get
0 = nA– – 2n Ti (OH)2 2+ – n Ti (OH)3+ – nH3O+

(B.5)

Therefore, there is one linearly independent constraint equation. Application of
the phase rule would give: F = 8 – 2 – 4 – 1 + 2 = 3. We would expect a deviation
in solubility from normal linear behavior near the critical temperature.
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APPENDIX C

Phase Rule Calculation for Zinc R-Tartrate in Isobutyric acid and Water

1. Components: isobutyric acid (HA), water (H2O), hydronium ion (H3O+),
isobutyrate ion (A–), zinc cation (Zn2+), tartrate anion (Tart2–), hydrogen tartrate
anion (HTart –), tartaric acid (H2Tart) and zinc tartrate solid (ZnTart (s)) = 9
2. Reactions: The 4 reactions believed to be present are listed below. Isobuytric acid
is expected to react with water (Rxn. 1); the hydronium ion is expected to react
with the available tartrate anion to form tartaric acid and the hydrogen tartrate
anion (Rxns. 2 and 3).
HA(aq) + H2O(l)  H3O+(aq) + A– (aq)

Rxn. 1

ZnTart (s) + 2 H3O+(aq)  Zn2+(aq) + H2Tart (aq) + 2 H2O (l)

Rxn. 2

H2Tart (aq) + H2O (l)  H3O+(aq) + HTart – (aq)

Rxn. 3

HTart – (aq) + H2O (l)  H3O+(aq) + Tart 2– (aq)

Rxn. 4

3. Elements: The number of elements should be equal to the number of components
minus the number of reactions (E = C – R). There are 5 elements in this system,
Hydrogen, Oxygen, Zinc, Tartrate and the isobutyrate anion. The tartrate and
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isobuytrate anions will be considered pseudo elements for the purposes of this
work since they remain intact and are not chemically altered.
4. Phases: solid zinc tartrate and liquid IBA-water = 2
5. Conservation Equations:
The conservation of mass equations are presented below. Where no represents the
moles of the element initially and n represents the moles of the element at
equilibrium.
Conservation of Hydrogen
noHA + 2noH2O = n HA + 2n H2O + 3n H3O+ + n HTart –
+ 2n H2Tart

(C.1)

Conservation of Oxygen
2no H2O = 2n H2O + 2n H3O+

(C.2)

Conservation of the isobutyrate anion
no HA = n HA + n A –

(C.3)

Conservation of Zinc
no ZnTart = n Zn 2+ + n ZnTart

(C.4)

Conservation of the Tartrate anion
no ZnTart = n Tart 2- + n ZnTart + n HTart – + n H2Tart

(C.5)

(C.1-C.3) and (C.4-C.5) can be simplified by using linear combinations of the
equations. Subtracting (C.2) from (C.1), and then subtracting (C.3) gives:
0 = n H3O+ + 2n H2Tart + n HTart – – nA–

(C.6)

Subtracting (C.5) from (C.4) gives:
0 = n Zn 2+ – n Tart 2– – n HTart – – n H2Tart
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(C.7)

Therefore, there are two linearly independent constraint equations. We can
combine the two constraint equations into a new equation expressing charge
neutrality. If we double (C.7) and then add (C.6), we get the overall equation
expressing neutrality:
0 = 2n Zn 2+ + n H3O+ – 2n Tart 2– – n HTart – – n A–

(C.8)

However, this procedure does not change the number of constraint equations. If
there are “n” linearly independent equations, the creation of the charge neutrality
equation increases the number of equations but does not increase the number of
linearly independent equations. There are still just “n” constraints that can be
chosen from the “n + 1” equations including charge neutrality.
If we apply the phase rule, we get F = 9 – 4 – 2 – 2 + 2 = 3. We would expect a
deviation in solubility from normal linear behavior near the critical temperature.
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APPENDIX D

Phase Rule Calculation for Zinc R-Tartrate and Sodium Acetate in Isobutyric Acid and
Water

1. Components: isobutyric acid (HA), water (H2O), hydronium ion (H3O+),
isobutyrate ion (A–), zinc cation (Zn2+), tartrate anion (Tart2–), hydrogen tartrate
anion (HTart –), tartaric acid (H2Tart), zinc tartrate solid (ZnTart (s)), sodium
cation (Na+), acetate anion (Ace–) and acetic acid (HAce) = 12
2. Reactions: The 5 reactions believed to be present are provided below. Reactions
1-4 are the same as listed in Appendix C, but there is an additional reaction due to
the sodium acetate.
HA(aq) + H2O(l)  H3O+(aq) + A– (aq)

Rxn. 1

ZnTart (s) + 2 H3O+(aq)  Zn2+(aq) + H2Tart (aq) + 2 H2O (l)

Rxn. 2

H2Tart (aq) + H2O (l)  H3O+(aq) + HTart – (aq)

Rxn. 3

HTart – (aq) + H2O (l)  H3O+(aq) + Tart 2– (aq)

Rxn. 4

Ace – (aq) + H3O+(aq)  HAce (aq) + H2O (l)

Rxn. 5

3. Elements: The number of elements should be equal to the number of components
minus the number of reactions (E = C – R). There were 7 elements in this system,
hydrogen, oxygen, zinc, tartrate, the isobutyrate anion, sodium and the acetate
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anion. The tartrate, isobuytrate and acetate anions will be considered pseudo
elements for the purposes of this work since they remain intact and are not
chemically altered.
4. Phases: solid zinc tartrate and liquid IBA-water = 2
5. Constraint Equations:
The conservation of mass equations corresponding to each of the elements are
presented below. Where no represents the moles of the element initially and n
represents the moles of the element at equilibrium.
Conservation of Hydrogen
noHA + 2noH2O = n HA + 2n H2O + 3n H3O+ + n HTart – + 2n H2Tart
+ n HAce

(D.1)

Conservation of Oxygen
2no H2O = 2n H2O + 2n H3O+

(D.2)

Conservation of the isobutyrate anion
no HA = n HA + n A –

(D.3)

Conservation of Zinc
no ZnTart = n Zn 2+ + n ZnTart

(D.4)

Conservation of the Tartrate anion
no ZnTart = n Tart2– + n ZnTart + n HTart – + n H2Tart

(D.5)

Conservation of Sodium
no NaAce = n Na+

(D.6)

Conservation of Acetate
no NaAce = n Ace – + n HAce

(D.7)
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Equations (D.1- D.3) and (D.4 - D5) can be simplified by using linear
combinations of the equations. Subtracting (D.2) from (D.1), and then subtracting
(D.3) gives:
0 = n H3O+ + 2n H2Tart + n HTart – + nHAce – nA–

(D.8)

Subtracting (D.5) from (D.4) will give the equation below.
0 = n Zn 2+ – nTart 2– – n HTart – – n H2Tart

(D.9)

Subtracting (D.7) from (D.6) will give the equation below.
0 = n Na+ – n Ace– – n HAce

(D.10)

Therefore, there are three linearly independent constraint equations. We can
combine the three constraint equations into a new equation expressing charge
neutrality. If we double (D.9) and add (D.8) and (D.10), we get the overall
equation expressing neutrality:
0 = 2n Zn 2+ + n H3O+ + n Na+ – n A– – n HTart – – 2n Tart 2– – n Ace–

(D.11)

However, this procedure does not change the number of constraint equations. If
there are “n” linearly independent equations, the creation of the charge neutrality
equation increases the number of equations but does not increase the number of
linearly independent equations. There are still just “n” constraints that can be
chosen from the “n + 1” equations including charge neutrality.
If we apply the phase rule, we get F = 12 – 5 – 2 – 3 + 2 = 4. We would not
expect a deviation in solubility from normal linear behavior near the critical
temperature.
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APPENDIX E

Thermodynamic Stability Theory
Adapted from published work by Prigogine & Defay, 1954

Below, we derive the condition that must be satisfied if a binary liquid mixture in
contact with an excess of a soluble solid is to form a stable chemical equilibrium. The
system we are describing is at constant pressure; therefore, it is reasonable to start by
describing this system in terms of the Gibbs free energy. Let us consider a chemical
reaction with stoichiometry,

1 (1)   2 (2)   3 (3)   4 (4)

(E.1)

Where (1) and (2) are reactants while (3) and (4) are products. The
corresponding stoichiometric coefficients are 1, 2 , 3 , and  4 , respectively. The
differential of the Gibbs energy for this four-component system is

dG  SdT  VdP  1dn1  2dn2  3dn3  4dn4

(E.2)

The initial numbers of moles of the four components are n1o , n2o , n3o , and n4o ,
respectively. Let  be the extent of reaction, then as the reaction proceeds, the mole
numbers change according to
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n1 = n1o – ν1 ξ

(E.3a)

n2 = n2o – ν2 ξ

(E.3b)

n3 = n3o + ν3 ξ

(E.3c)

n4 = n4o + ν4 ξ

(E.3d)

The differentials of (E.3a-E.3d) are
dn1 = – ν1 dξ

(E.4a)

dn2 = – ν2 dξ

(E.4b)

dn3 = ν3 dξ

(E.4c)

dn4 = ν4 dξ

(E.4d)

Upon substitution of (E.4a-E.4d) into (E.2), one obtains

dG  SdT  VdP  ( 4 4   33  2 2 11 )d

(E.5)

The Gibbs energy of reaction is

G   4 4   33  22 11

(E.6)

Hence, (E.5) reads,

dG  SdT  VdP  Gd

(E.7)

At constant temperature and pressure, (E.7) simplifies to
dGT ,P  GdT ,P

(E.8)

From (E.8), we conclude that
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 G 
    G

T , P

(E.9)

Let the equilibrium value of the extent of reaction be  e . We can then expand the
Gibbs energy, G( ) , in a Taylor series about G(e ) by writing,
 G 
1   2G 
2
G ( )  G (e )  
(



)

e
  2  (   e )  ...



2!

e

e

(E.10)

Upon substitution of (E.9), (E.10) reads,

G( )  G(e )  G(e )(  e ) 

1  G 
(  e )2  ...


2!   e

(E.11)

The condition for chemical equilibrium is

G(e )  0

(E.12)

which permits (E.11) to be rewritten in the form,

G( )  G(e ) 

1  G 
(  e )2  ...


2!   e

(E.13)

According to the second law of thermodynamics, if an equilibrium is to be stable,
every conceivable change in  must lead to an increase in Gibbs free energy. This
implies that

G( )  G(e )

(E.14)

According to (E.13), if the inequality in (E.14) is to be satisfied, we must have
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 G 
    0

e

(E.15)

The inequality in (E.15) is known as the thermodynamic stability criterion.
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APPENDIX F

Derivation of Equations Related to Dielectric Constant Measurements on Reacting
Mixtures
Adapted from work by J. Baird, 2021

Let Ps = (4  /3)Ns  s , apply to the pure solvent, where Ns is the number of solvent
molecules per unit volume, and  s is the effective polarizability. Let P = (4  /3)N 
apply to the solute – solvent mixture, where N is an effective concentration and  is a
mean polarizability. The Clausius – Mossotti equation reads,
 s 1 

  Ps and
 s  2 

(F.1)

  1 

P
 2

(F.2)

where εs and ε represent the dielectric permittivity of the solvent and the dielectric
permittivity of the solvent plus reactants and products, respectively. Tveekrem, Cohn and
Greer used the ratio of ε/εs as a measure of the extent of reaction. Therefore, it is
necessary to solve (F.1) and (F.2) for εs and ε and take the ratio.
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Solving F.1 and F.2 for εs and ε gives:

s 



1  2 Ps
1  Ps

and

(F.3)

1  2P
1 P

(F.4)

This means that the ratio ε/εs can be written as:
 1  2P 
  1  P   1  Ps   1  2 P 


 s  1  2 Ps   1  2 Ps   1  P 
 1 P 
s 


(F.5)

Let the increase in polarization due to the solute be equal to ∆P and we can write,
P = Ps + ∆P

(F.6)

We can substitute F.6 into F.5 to write,
  1  Ps   1  2( Ps  P) 

 s  1  2 Ps   1  ( Ps  P) 

(F.7)

We can simplify this by factoring 1 + 2Ps out of the numerator and 1 – Ps out of
the denominator and making cancelations.

2P 

1


(1  2 Ps ) 


 s  1  P 

(1  Ps ) 


(F.8)
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We can now use the sum of the geometric series ,

x

1
 1  x , and let
1 x

P
such that we can re-write (F.8) as
(1  Ps )
 
2P  
P 
 1 
 1 
 s  (1  2 Ps )   (1  Ps ) 

(F.9a)

We can multiply the two binomials in F.9 and drop the term involving (P)2
because it is small. The result is

   2
1  
 1  

P 
 s   (1  2 Ps ) (1  Ps )  

(F.9b)

We now find the common denominator associated with the fractions in (F.9b) and
rewrite it as

   2  2 Ps  1  2 Ps  
 1 
P 
 s   (1  2 Ps )(1  Ps )  

(F.9c)

After cancelling terms, we get

 
  
3
 1  
P 
 s   (1  2 Ps )(1  Ps )  

(F.9d)

Now substitute (F.1) into (F.9d). The result is




 
3P

 1
 s    2 s  2      s  1   
 1  
  1  

    s  2      s  2   
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(F.10a)

We can find a common denominator in (F.10a) and simplify the fraction. The
result is


 
3( s  2)2 P
 1 

 s   s  2  2 s  2  s  2   s  1 
 3( s  2) 2 P 
 1 

9 s



(F.10b)

or finally
  ( s  2) 2 P 
 1

 s 
3 s


(F.11)

For the purposes of numerical calculation, we rewrite (F.11) as


(  2) 2 P
1  s
s
3 s

(F.12)

The dielectric permittivity of a mixture of carbon tetrachloride and
perfluoromethylcyclohexane should be approximately 2. We estimate the effective
polarizability, α, of nitrogen dioxide to be around α = 10-23 cm3. Based on the remarks
provided in the published work, we estimate the solubility of nitrogen dioxide to be about
10-4 M. Avogadro’s number is 6 x 1023 mol-1, so we estimate that
P 

4
4
N 
(104 )(6 1023 )(1023 )  2.5 103
3
3

(F.13)

Upon substitution of our numerical estimates, we get


(  2)2 P (2  2) 2
1  s

 2.5  103  6.7  103
s
3 s
3(2)
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(F. 14)

This calculation shows that Tveekrem, Cohn and Greer were measuring a very
small effect. Observation of a critical effect by this method would require very precise
measurements of the dielectric constant.
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